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Chapter 1 
BASIC CONCEPTS 





1.1 ATOM 


Long time ago, it was thought that matter is made up of simple, indivisible 
particles. Greek philosophers thought that, matter could be divided into smaller and 
smaller particles to reach a basic unit, which could not be further sub-divided. © 
Democritus (460-370 B.C.) called these particles atomos, derived from the word 
“atoms” means indivisible. However, the ideas of Greek philosophers were not based on 
experimental evidences. 

In the late 17th century, the quantitative study of the composition of pure 
substances disclosed that a few elements were the components of many different 
substances. It was also investigated how, elements combined to form compounds and 
how compounds could be broken down into their constituent elements. 

In 1808, an English school teacher, John Dalton, recognized that the law of 
conservation of matter and the law of definite proportions could be explained by the 
existence of atoms. He developed an atomic theory; the main postulate of whichis thatall 
matter is composed of atoms of different elements, which differ in their properties. 

Atom is the smallest particle of an element, which can take part in a chemical 
reaction. For example, He and Ne, etc. have atoms, which have independent existence 
while atoms of hydrogen, nitrogen and oxygen do not exist independently. 


The modern researches have clearly shown that an atom is further composed of 
subatomic particles like electron, proton, neutron, hypron, neutrino, anti-neutrino, etc. 
More than 100 such particles are thought to exist in an atom. However, electron, proton 
and neutron are regarded as the fundamental particles of atoms. ~~ 

A Swedish chemist J. Berzelius (1779-1848) determined the atomic masses of 
elements. A number of his values are close to the modern values of atomic masses. 
Berzelius also developed the system of giving elementa symbol. ms 


1.1.1 Evidence of Atoms ee 
It is not possible actually to see the atoms but the nearest possibility to its ¢ : 
evidence is by using an electron microscope. A clear and accurate image i 
smaller than the wavelength of visible light, cannot be obtained. Thus 
microscope can measure the size of an object 500 um(h 












Chemistry-X] 
BASIC CONCEPTS 


i Jectron microscope. It uses beams of 
vase? i atom can be observed in an ¢ 
ae . Pia cae light, because wavelength of electron 1s much et na aes s 
Stel nt Fig (1.1) shows electron microscopic photograph of a piece 0 ‘i = ze “ante 
es i senifed about 15 millions times. The bright band in the figure are lay 
as ™m: 


atoms. 





diameter of atoms are of the 
In the 20” century, X-ray work has shown that the di 


order2x10!°m whichis 0.2 nm. Masses of 
atoms range from 10” to 10” kg. They are 
often expressed in atomic mass units 


(amu) when | amu is = 1.661 x 10°’ kg. 

The students can have an idea about the 
amazingly small size of an atom from the 

fact that a full stop may have two million ; 
atoms present in it. 


1.1.2 Molecule 

Amolecule is the smallest particle Fig (1.1) Electron microscopic 

of a pure substance which can exist photograph of graphite 
independently. It may contain one or more atoms. The number of atoms present in a 
molecule determines its atomicity. Thus molecules can be monoatomic, diatomic and 
triatomic, etc.; if they contain one; two and three atoms respectively. Molecules of 
elements may contain one, two or more same type of atgms, For example, He, Cl,,O,, P,, . 
§,. On the other hand, molecules of compounds consist of different kind of atoms. For 
example, HCI, NH,, H,SO,,C,H,,0,. 

The sizes of molecules are definitely bigger than atoms. They depend upon the 
number of atoms present in them and their shapes. Some molecules are so big that they 
are called macromolecules. Haemoglobin is such a macromolecule found in blood. It 
helps to carry oxygen from our lungs to all parts of our body. Each molecule of 


haemoglobin is made up of nearly 10,000 atoms and it is 68,000 times heavier than a 
hydrogen atom. 


1.1.3 Ion 


Jons are those species which carry either positive or negative charge. Whenever 
an atom of an element loses one or more electrons, positive ions are formed. A sufficient 
amount of energy is to be provided to aneutral atom to ionize it. | 

A—Ate 

This A is called a cation, A cation may 


carry +1, +2, +3, etc. charge or charges. 
The number of charges present on an ion depends upon the number of electrons lost by 


Gealon, Anyhow, energy is always required to do so. Hence the formation of the 
positive ions is an endothermic process. The most common positive ions are formed by 


\ 
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the metal atoms such as Na’, K’, Ca”, Mg” , AI, Fe”, Sn**, etc, The chapter on chemical 
bonding will enable us to understand the feasibilities of their formation. 
When a neutral atom picks up one or more electrons, a negative ion is produced, 
which is called an anion. 
B+e —>B 
Energy is usually released when an electron is added to the isolated neutral atom. 


Therefore, the formation of an uninegative ion is an exothermic process. The most 
common negativeionsare F Cl’ Br ,S* etc. 


The cations and anions possess altogether different properties from their 
<orresponding neutral atoms. 


There are many examples of negative ions which consist of group of atoms like 
OH,CO, ,SO,, PO, , MnO, , Cr,0,7 etc. The positive ions having group ofatoms are 
less common e.g. NH, and some carbocations in organic chemistry. 


1.1.4 Molecular Ion 


When an atom loses or gains an electron, it forms an ion. Similarly, a molecule 
may also lose or gain an electron to!form a molecular ion, e.g., CH, , CO’, N, Cationic 
molecular ions are more: abundant than anionic ones. These ions can be generated by 
passing high energy electron’ beam or a-particles or X-rays through a gas. The break 
down of molecular ions obtained from the natural products can give important 
information about their structure. 


1.2 RELATIVEATOMIC MASS 


Relative atomic mass is the mass of an atom of an element as compared to the 
mass ofan atom of carbon takenas 12. 

The unit used to express the relative atomic mass is called atomic mass unit (amu) 
and it is 1/12 th of the mass of one carbon atom. On carbon -12 scale, the relative atomic 
mass of °C is 12.0000 amu and the relative atomic mass of |His 1.008 amu. - 

The masses of the atoms are extremely small. We don’thave any balance to weigh such 
an extremely small mass, that is why we use the relative atomic mass unit scale, The relative 
atomic masses of some elements are given in the following Table (1.1). 

Table (1.1) Relative atomic masses of a few elements 


Relative Atomic Mass |Element} Relative Atomic Mass | 

(amu) (amu) | 

H 1.008 Cl 35.453 - 
{thee ah 15.9994 acer. \!- 

Ne 20.1797 Une | 


© 63.546. 
238.0289 
- = : 7 rz > Tp ee . 4h 
These elements-have atomic masses in fractions and will be explained in 1 co) 
following article on isotopes. ’ ee 
13 ISOTOPES oe: = +: pet. 
~ InDalton’s atomic theory, all the atoms ofan element were considered alike in all 
: = =— ——(3 _——_— nnn 
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d that atoms of the same 


ies 1 i i er on, it was discovere 
roperties including their masses. Later on, 
erent can possess different masses but same atomic numbers. Such atoms of an 


element are called isotopes: So isotopes are different kind of atoms of the same element 


having same atomic number, but different atomic masses. The isotopes of an element 
possess same chemical properties and same position 10 the periodic table. This 
as first discovered by Soddy. Isotopes have same number of 


phenomenon of isotopy W ; 
: protons and electrons but they differ in the number of neutrons present in their nuclei, 
: Carbon has three isotopes Sretien as C3 ce 3 “C and expressed as C-12, C-13 and 


G-14. Each of these have 6-protrons and 6 electrons. However, these isotopes have 6,7 
and 8 neutrons respectively. Similarly, hydrogen has three isotopes 'H_, (HH called 
protium, deuterium and tritium. Oxygen has three, nickel has five, calcium has six, 
palladium has six, cadmium has nine and tin has eleven isotopes. 


1.3.1 Relative Abundance of lsotopes 
The isotopes of all the elements have their own natural abundance. The 
lement, which are mentioned in the literature, mostly 


properties of a particular ¢ 
correspond to the most abundant isotope of that element. The relative abundance of the 


isotopes of elements can be determined by mass spectrometry. Table (1.2) shows the 
natural abundance ofsome common isotopes. 
Table (1.2) Natural abundance of some common isotopes. 


+ Abundance (%) 














































1.007825, 2.01410 



















Hydrogen ‘nH 99,985, 0.015 

Carbon ®C,"C 98.893, 1.107 12.0000, 13.00335 

Nitrogen *N, 'N 99,634, 0.366 14.00307 15.00011 

Oxygen *0,"0,"0 99,759, 0.037, 0.204 15.99491, 16.99914, 17.9916 

Sulphur i $,"S,"S,"S 95.0, 0.76, 4.22, 0.014) 31.97207, 32.97146, 33.96786, 35.96709 
Chiorine *C1, "Cl 75.53, 24.47 34.96885, 36.96590 

Bromine ™ Br, "Br 50.54, 49.49 78.918, 80,916 





We know at present above 280 different isoto i 
Feats pes occur in nature. They include 40 
eee isotopes as well. Besides these about 300 unstable radioactive Stones have 
Peatate ee ey disintegration. The distribution of isotopes among the 
and complex as it is evident from the Table (1.2). Th 
arsenic, fluorine, iodine and : : 2). The elements like 
isotopic eaeentes gold, etc,have only a single isotope. They are called mono- 
coe oh Bare es of odd atomic number almost never possess more than 
btopea oad m . Thee ees of even atomic number usually have larger number of 
bee parcsieciestO, "Mo, 2Si numbers are multiples of four are particularly 
Out of 280 feaibes that occur i, Lite 1 a Beene save oFthe earth's crs 
number. ? have even mass number and even atomic 
1.3.2 Determinatio j 
: n of Relative Atomi 

Spectrometry ic Masses of Isotopes by Mass 

Mass spectrometer is an instrument which i 
R ich 
is used to measure the exact masses of 
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diff erent isotopes of an element. In this technique, a substance is first volatilized and then 
ionized with the help of high energy beam of electrons. The gaseous positive ions, thus 
formed, are separated on the basis of their mass to charge ratio (m/e) and then recorded in 
the form of peaks. Actually mass spectrum is the plot of data in such a way that (m/e) is 
plotted as abscissa (x-axis) and the relative number of ions as ordinate (y-axis). 

First of all, Aston's mass spectrograph was designed to identify the isotopes ofan 
element on the basis of their atomic masses. There is another instrument called 
Dempster's mass spectrometer. This was designed for the identification of elements 
which were available in solid state. 

The substance whose analysis for the separation of isotopes is required, is 
converted into the vapour state. The pressure of these vapours is kept very low, that is, 
10° to 10” torr. These vapours are allowed to enter the ionization chamber where fast 
moving electrons arc thrown upon them. The atoms of isotopic element present in the 
form of vapours, are ionized. These positively charged ions of isotopes of an element 
have different masses depending upon the nature of the isotopes present in them, 

The positive ion of each isotope has its own (m/e) value. When a potential 
difference (E) of 500-2000 volts is applied between perforated accelerating plates, then . 
these positive ions.are strongly attracted towards the negative plate. In this way, the ions 
are accelerated. 

These ions are then allowed to pass through a strong magnetic field of strength 
(H), which will separate them on the basis of their (m/e) values. The magnetic field 
makes the ions to move ina circular path. The ions of definite m/e value will move in the 
form of groups one after the other and fall on the electrometer. 

The mathematical relationship for(m/e)is: _ 

m/e=H’r/2E * 
Where H is the strength of magnetic field, E is the strength of electrical field, r is the 
radius of circular path. If E is increased, by keeping H constant then radius will increase 
and positive ion of a particular m/e will fall at a different place as compared to the first 
place. This can also be done by changing the magnetic field. Each ion sets up a minute 
electricalcurrent. _ 

Electrometer is also called an ion collector and develops the electrical current. 
The strength of the current thus measured gives the relative abundance of ions of a 
definite m/e value. 

Similarly, the ions of other isotopes 
having different masses are made to fall on the 
collector and the current strength is measured. 8= 
The current strength in each case gives the 3 a, 

relative abundance of each of the isotopes. The |Eeronbesr 

same experiment is performed with C-12 

‘ isotope and the current strength is compared. 

This comparison allows us to measure the exact . — 

mass number of the isotope Fig. (1.2), shows the Fig(1.2) Diagram ofa simple Mass 
; SPCCCLONIES ora 
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4 e) ofan 10 
separation of isotopes of Ne. Smaller the ( ae a 
isotope, smaller the radius of curvature pro / 3 
the magnetic field according to above equation. Se 
In modem spectrographs, each ion str 2a 
ev 
i a 
S 
vo 












90.92% 


detector, the ionic current is amplified and is fed to re . 
recorder. The recorder makes a graph showing t G 40 
relative abundance of isotopes plotted against themass| 3 , 


number. F : 
The above Fig (1.3) shows @ computer plotted 0.257% 8.82% 
graph for the isotopes of neon. ZA ype ee 
The separation of isotopes can be done by the* % ae BSR RS 
; ; : i ig (1.3) Computer plotted gra 
methods based on their properties. Some important a) o catanes pris . P 


methods are, gaseous diffusion, thermal diffusion, 
distillation, ultracentrifuge, electromagnetic separation and laser separation. 
" 1.3.3 AverageAtomic Masses 
Table (1.1) of atomic masses of elements shows many examples of fractional 
values. In fact, the atomic masses depend upon the number of possible isotopes and their 
_ natural abundances. Following solved example will throwlightonthisaspect. 
Example (1): 
Asample ofneonis found to consist of 7jNe,;,Ne and {,Ne in the percentages 
* 0f90.92%, 0.26%, 8.82% respectively. Calculate the fractional atomic mass of neon. 
Solution: 


The overall atomic mass of neon, which is an ordinary isotopic mixture, is the 
average of the determined atomic masses of individual isotopes. Hence: 





Average atomic mass =20 x 90.92+21 x 0.26+22.x 8.82: =|20.18]Answer 
100 
Hence the average atomic mass ofneonis 20.18 amu. 


Tt is important to realize that no individual 
amu. For most laborato 
’ with this average mass, 


14 ANALYSIS OF A CO | 
3 i MPOUND - 
MOLECULAR FORMULAS EMPIRICAL AND 


Before we go into . : 
ADONIS pe Sopunte poe iv empirical and molecular formulas of 4 
Ow the percentage of each element in the 


neon atom in the sample has a mass of 20.18 
Ty purposes, however, we consider the sample to consist of atoms 
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element in a compound is the number of grams of that element present in 100 grams of 
the compound. | 

Mass of the element in the compound x 100 


Percentage of an element = 
Mass of the compound 


Example (2): 
8.657 g of a compound were decomposed into its elements and gave 5.217 g of 


carbon, 0.962 g ofhydrogen, 2.478 g of oxygen. Calculate the percentage one of 
the compound under study. 








Solution: 
Applying the formula 
Mass of carbon g 
Percentage of carbon = —§ ——————— «100 -G0ZélAs, 
Mass of the compound - 8.6578 [60.26]Answer 
Mass of hydrogen 0.962g | 

Percentage of hydrogen =o en RO oe ane 

c Mass of the compound 8.657g "s wer 





Mass of oxygen <100 = 2.4782 

Mass of the compound 8.657g 

The above results tell us that in one hundred grams of the given compound, there are 
60.26 grams of carbon, 11.11 grams of hydrogen and 28.62 grams of oxygen. 


Percentage composition of a compound can also be determined theoretically if 
we know the formula mass of the compound. The following equation can be used for this 


purpose. 


Percentage of oxygen = x 100 =|28.62) Answer 


Mass of the element in one mole of the compound 
Percentage of an element = $$ mAAMAMMM_{_€Tp— _—_ x ] 0 
Formula mass of the compound 
1.4,1 Empirical Formula 
It is the simplest formula that gives the small whole number ratio between the. 
atoms of different elements present in a compound, In an empirical formula of a 
compound, A.B,, there are x atoms ofan element A and y atoms ofan element B. 
The empirical formula of glucose (C,H,,0,) is CH,O and that ofbenzene (C,H,) 1s CH. 
Empirical formula of a compound can be calculated following the steps 
mentioned below: tye t 7 
1) Determination of the percentage composition. _sotreny 
ii) Finding the number of gram atoms of each element. Fo or r this, ‘Purpose 
divide the mass of each element (% of an element) by its atomic : 
iii) Determination of the atomic ratio of each element. To eet 
number of moles of each element ees ee m4 thesm 
moles. 
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otherwise multiply withasuitable digit to get the whole number atomic ratio. 
| abt acid (vitamin C) contains 40.92% carbon, 4.58% hydrogen and 54.5% 
of oxygen by mass. Whatis the empirical formula of the ascorbic acid? 
| lution: . ; ; 
| HF 0 cee the percentages of these elements, We believe that in 100 grams of ascorbic 
acid, there are40.92 grams of carbon, 4.58 grams of hydrogen and 54. 5 grams of oxygen. 
' | Divide these masses of the elements (or percentages) by their atomic masses to 
get the number of gram atoms. 
40.92 
No. of gram atoms of carbon = halite = 3.41 gram atoms 
12.0 gmol 
4.582 
No. of gram atoms of hydrogen =———— > 4.54 gram atoms 
1.008gmol 
54.5. 
No. of gram atoms ofoxygen = 8 =a = 3.406 gram atoms 
16 gmol 


Atomic ratio is obtained by dividing the gram atoms with 3.406, which is the 





smallest number. 
3.41 4.54 3.406 


~ 3.406 3.406 © 3.406 
C:H:0 = 1: 1.33:1 


. To convert them into whole numbers, multiply with three 


C:H:0 = 3(1:1.33:1) =[3: 4: 3] Answer 


This whole number ratio gi i Pa 
EG io gives us the subscripts for the empirical formula of the ascorbic 


1.4.2 pele Formula from Combustion Analysis 

mee eee, eompourids which simply consist of carbon, hydrogen and oxygen 
ane y y combustion. The sole products will be CO, and H,O. These two 

p of combustion are separately collected. 4 


Combustion Analysis 
A weighed i 
ghed sample of the organic compound is placed in the combustion tube. 


| This combustion tube is fitted ina fi 
| ‘By. seeeincs a i on ae Rimanee) Oxygen is supplied to burn the compound. 
yet pas carbon is converted to CO, These gases are absorbed 
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NED LE LI TE TTL CE EO I SS 
in Mg (CI1O,), and 50% KOH respectively. (Fig 1.4). The difference in the masses of these 
absorbers gives us the amounts of H,O and CO, yates The amount of oxygen is 
determined by the method of difference. 


Sample of compound containing 





C, H and other elements Other substance 
HO absorber CO, absorber not absorbed 
t 
Mg (CIO,), 50% KOH 


Fig(1.4) Combustion analysis 


Following formulas are used to get the percentages of carbon, hydrogen and 
oxygen, respectively. 





% of carbon _ Lai Massiob€ OS x 42,00 x 100 
Mass of organic compound 44.00 
% of hydrogen = _____MassofH,O x 2.016, x 100 
’ Mass of organic compound 18 


The percentage of oxygen is obtained by the method of difference. 
% of oxygen= 100 -(% ofcarbon+ % ofhydrogen). 
Example (4): 
Asample of liquid consisting of carbon, , hydrogen and oxygen was subjected to 
combustion analysis. 0.5439 g of the compound gave 1.039 g of CO,, 0.6369 g of H,O. 
Determine the empirical formula of the compound. 


Solution: 
Mass of organic compound =0.5439 g 
Mass of carbon dioxide =1.039g 
Mass of water = 0.6369 g 















No. of Gram stoma mic map irical 
eo] a a 
| 1.039g 12.00 , 199 «| 52-108 4 44) 4.34_ 





0. 54398 44.00 
=52.098 
0.63698, 2.016 , y99 
0.5439g 18 c ‘3 
-  =13.11 ‘ 


100 - (52.098 + 13.11) 
_ =34.79 
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1.4.3 Molecular Formula 

That formula of a substance which is based on the actual molecule is called 
molecular formula. It gives the total number of atoms of different elements present in the 
molecule of a compound. For example, molecular formula of benzene is C,H, while that 
of glucose is C,H,,0,. 

The empirical formulas of benzene and glucose are CH and CH,0O respectively, 
so for these compounds the molecular formulas are the simple multiple of empirical 
formulas. 

Hence 

Molecular formula=n (Empirical formula) 

Where 'n' is a simple integer. Those compounds whose empirical and molecular 
formulae are the same are numerous. For example, H,O, CO,, NH, and C,,H,,0,, have 
same empirical and molecular formulas. Their simple multiple 'n' is unity, The value of'n' 
is the ratio of molecular mass and empirical formula mass ofa substance. 

Molecular mass 


Example (5): “Empirical formula mass 


The combustion analysis of an organic compound shows it to contain 65.44% 
carbon, 5.50% hydrogen and 29.06% oxygen. What is the empirical formula of the 
compound? If the molecular mass of this compound is 110.15 gmol'. Calculate the 
molecular formula of the compound. 

Solution: 

First of all divide the percentage of each element by its atomic mass to get the 

number of gram atoms or moles. 


No of gram atoms of carbon RODHEUE OLE 5.45 gram atoms of C 
12 g/mol 
No of gram atoms of hydrogen = pS U/g OGH = 5.46 gram atoms of H 
a 1.008 g/mol 
No of gram atoms of oxygen = 2 1.82 gram atoms of O 
. 16.00 g/mol 
‘Molar ratio: Sore Si Bot ° 
j 5.45 i 5.46 : 1.82 
; 
Divide the number of gram atoms by the smallest number i.e 1.82 
: C i H : O 
5.45 . 5.46 ; 1,82 
1.82 1.82 1.82 


Bex. 1 
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Carbon, hydrogen and oxygen are area in the given organic compound in the - 
ratio of 3:3:1. So the empirical formula is C,H,O. 


In order to determine the molecular formula, first calculate the empirical formula 
mass. 


Empirical formula mass =12x3+1.008x3+16x1=55.05 g/mol 
Molar mass of the compound =110.15gmol" 
=n Molar mass of the compound _ 110.15 _ 
Empirical formula mass 55.05 
Molecular formula = n (empirical formula) 


2 (C,H,O) = Answer 
There are many possible structures for this molecular formula. 


15 CONCEPTOFMOLE 

We know that atom is an extremely small particle. The mass of an individual 
atom is extremely small quantity. It is not possible to weigh individual atoms or even 
small number.of atoms directly. That is why, we use the atomic mass unit (amu) to 
express the atomic masses, For the sake of convenience, the atomic mass may be given in 
any unit of measurementi.e. grams, kg, pounds, and so on. 

When the substance at our disposal is an element then the atomic mass of that 
element expressed in grams is called one gram atom. It is also called one gram mole or 
simply a mole of that element. 


: Mass of an element in grams 
Number of gram atoms or moles ofan element= ———————_—_——_>»—— 


Molar mass of an element 


For example 
| gram atom of hydrogen = 1.008 g 
1 gram atom of carbon =12.000¢ 
and | gramatom ofuranium =238.0¢ 


It means that one gram atom of different elements have different masses in them. 
One mole of carbon is 12 g, while 1 mole of magnesium is 24g. It also shows that one 
atom of magnesium is twice as heavy as an atom of carbon. 

The molecular mass ofa substance expressed in grams is called gram molecule or 
gram mole or simply the mole ofa substance. 

Number of gram molecules or 





s=moles ofa molecular substance’ _ Mass of molecular substance in grams” 
Molar mass of the substance 
mor example af : wie . 
lgrammoleculeofwater § =18.0 a Sadie maf : 
1 grammoleculeofH,SO, =98.0¢ . 
and 1grammoleculeofsucrose =342.0g ee ~ 3 





It means that one gram molecules of different molecular ‘substances have ve Ss 
emai fferent masses. ~ ane 
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The formula unit mass of an ionic compound expressed in grams is called gram 
formula of the substance. Since ionic compounds do not exist in molecular form 
therefore the sum of atomic masses of individual ions gives the formula mass. The gram 
formula is also referred to as gram mole or simply a mole. 

Number of gram formulae or _ Mass of the ionic substance in grams 


molesofansubstance = Formula mass of the ionic substance 


1 gram formula of NaCl =58.50¢ 

lgramformulaofNa,CO, =106¢g 

lgram formula ofAgNO, = 170g 
It may also be mentioned here that ionic mass of an ionic species expressed in grams is 
called one gram ion or one mole ofions. 


Numberofgramatomsor - Mass of the ionic species in grams 


: moles ofan element Formula mass of the ionic species 
For example 
1 gionofOH =17g 
1 gionofSO* =96g 
1 gionofCO; =60g 


So, the atomic mass, molecular mass, formula mass or ionic mass of the 
substance ieee in gram is called molar mass of the substance. 


Example (6): 
Calculate the gram atoms (moles) in 
(a) 0.1 gofsodium. 
(b) 0.1 kg ofsilicon. 
Solution: 
(a) No. of Bircai ten Mass of element in gram 
e Molar mass 
Mass ofsodium =0.1¢g 
Molar mass =23 g/mol 
0.1 
Number of gram atoms of sodium a = 0.0043 mol 
23g mol - 


=|4,3 x 10° mol] Answer 


(b) First ofall convert the mass of silicon into grams. 


Mass ofsilicon =0.1kg =0.1x 1000= 100g 
Molar mass = 28.086 gmol”’ 
ees, . Ae 100 
Semeur Ofecam atoms ofsilicon S 3.56 mol] Answer 


7 28.086gmol" 
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Example (7): 

Calculate the mass of 10° mol of MgSO,,. 
Solution: : 

MgSO, is an ionic compound. We will consider its formula mass in place of 
molecular mass. ° 


Number of gram formula or _ Mass of the ionic substance 
moles ofa substance Formula mass of the ionic substance 
Formula mass of MgSO, " =244+96=120 gmol ' 


Number ofmolesofMgSO, =10°moles 
Applying the formula 


102 e Mass of MgSO, 
120 gmol" 
Mass of MgSO, =10° molesx 120gmol"”" 
=120x 10" Answer 


1.5.1 Avogadro's Number 

Avogadro's number is the number of atoms, molecules and ions in one gram atom 
of an element, one gram molecule of a compound and one gram ion of a substance, 
respectively. 

To understand Avogadro's number let us consider the following piglets: of 
substances. é 

1.008 gofhydrogen. =1molofhydrogen +=6.02x 10% atoms of H 

23 g ofsodium =1molofNa =6.02x10” atoms of Na 

238 g ofuranium =1molofU =6.02x 10” atoms of U 
This number, 6.02 x 10” is the number of atoms in one mole of the element. It is 
interesting to know that different masses of elements have the same number of atoms. An 
atom of sodium is 23 times heavier than an atom of hydrogen. In order to have equal 
number of atoms sodium should be taken 23 times greater in mass than hydrogen. 
Magnesium atom is twice Heavies than carbon; i.e. 10g of Mg and 5 g of C contain the 
same number of atoms. 


18 gofH,O =1 mol of water =6.02 x 10” molecules of water 
180 g of glucose =Imolofglucose §=6.02x 10” molecules ofglucose’ 
342 g of sucrose =1molofsucrose  =6.02x 10” molecules ofsucrose 


Hence, one mole of different compounds has different masses but has the same 
number of molecules. . 
When we take into consideration the ions, then 
96g0fSO, =I1moleofSO; =6.02x 10° ionsofSO; —, 
62gofNO, =1mole ofNO; =6.02x 10” ions of NO, . 
From the above discussion, we reach the conclusion that the number 6. 02 x 10 i 
sarefers to one mole of a substance. This number is called Avagairgh 's Ree al 
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| itis denoted by Na. 

Following relationships between amounts of substances in terms of their masses 
and the number of particles present in them, are useful. 


Mass of the element x N, 


1) Number of atoms ofan element = 
Atomic mass 


dxN 
2) Number of molecules ofa compound BSE CRIS OCIDOURE ALN, 


Molecular mass 


Mass of the ion x N, 


Ionic mass 

When we have compounds of known mass we can calculate the number of atoms 
from their formulae, 

In 18 g of water there are 6.02 x 10° molecules of H,O, 2 x 6.02 x 10” atoms of 
hydrogen and 6.02 x 10” atoms of oxygen. Similarly, 98g of H,SO, has twice the 
Avogadro’s number of hydrogen atoms, four times the Avoepsy ’s number of oxygen 
atoms and the Avogadro’s number of sulphur atoms. 

Some substances ionize in suitable solvents to yield cations and anions. The 
number of such ions, their masses, number of positive and negative charges can be easily 
calculated from the known amount of thé subsfance dissolved. Let us dissolve 9.8g of 
H,SO, in sufficient quantity of H,O to get it completely ionized. It has 0.1 mole of H,SO,. 
It will yield 0.2 mole or 0.2 x 6:02 x 10” H’ and 0.1 mole or 0.1 x 6.02 x 10” SO,” etc. 
Total positive charges will be 0.2 x 6.02 x 10° and the total negative charges will be 
0.2 x 6.02 x 10” (because each SO,”, has two negative charges). The total mass of H’ is 
(0.2.x 1.008)g and that of SO,” is (0.1 x 96) g. 

Example (8): 

How many molecules of water are there in 10.0 g of ice? Also calculate the 
number of atoms of hydrogen and oxygen separately, the total number of atoms and the 

covalent bonds present in the sample. 


Solution: | 


3) Number ofions ofan ionic species 


- 


Mass ofice(water) =10.0g. 
Molarmass ofwater =18gmol’ 


wee ip f water in gram 
bid Wet Pectiucsetin = paws ESS OL WORN era x Avogadro’s number | 


Molar mass of water in g mol , 

- Virlees 2 10 
mm) Bib esata ~~ 10; Se ee | 
iv 18 g mo. ; . 





(14 ) 
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Number of molecules of water=0.55 x 6.02 x 10° ={3.31x 10° | Answer 
One molecule of water contains hydrogen atoms = 


3.31 x 10” molecules of water contain hydrogen atoms = 2x3.31x 10" 

= Answer 
One molecule of water contains oxygen atom =I 
3.31 x 10” molecules of water contain oxygen atoms = Answer 
One molecule of water contains number of covalent bonds ‘=2 


3.31 x 10” molecules of water contain number of covalent bonds = 2x3.31x 10° 


=|6.68 x 10°] Answer 


Total number of atoms of hydrogen and oxygen =6.68x 10°+3.31x10" 
= Answer 

Example (9): 

10.0 g of H,PO, has been dissolved in excess of water to dissociate it completely 
into ions. 
Calculate, 

a) Number ofmolecules in 10.0 g of H,PO,. 

b) Number ofpositive and negative ions in case of complete dissociation in water. 

c) Masses of individual ions. 

d) Number of positive and negative charges dispersed in the solution. 


_ Solution: 





a) Mass of H,PO, =10¢g 
Molar mass of H,PO, =3+31+64=98 g/mol 


Mass of H,PO, 
Molar mass of H,PO, 


- — 8 x 6.02 x10" 
98 g mol" 


0.102 x 6.02 x 10” , 
OG T4210 ee . 


No. of molecules of H,PO, x 6.02 x 10” 








(b) H,PO, dissolves in water and ionizes as follows 
HPO, —— 3H. + PO” 





lock ants eae 
According to the balanced chemical equation ty ghia 
H,PO, : Hey) vie oe 
1 ; an elinceon Wl <3) S ok phe 


6.14x10" 
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\ | 6.14x10"—-: 1.842 x 10” 
Hence, the number of H’ will be 1.842 x 10” 
il H,PO, PO,” 
‘i 1 ge 
6.14x10" 6.14x 10” 
' Hence, the number of PO; will bel6.14x 10°] Answer 
(c) Inorderto calculate the mass of the ions, use the formulas 
. Number of Ht = Total mass of H” x 6.02 X 10” 
Ionic mass of H” 
1.842 x 102 = Total mass of H” x 6.02 x 10” 
: 1.008 
1.842 10” x 1.008 
Total mass of H” = eS A = 0.308 g 
. 6.02 x 10 
3- 
No. of PO; = pioralmass of PO x 6.02 x 10” molecules 
Ionic mass of PO, 
3. 
6.14x 10? = Lotal mass of PO. 6.02 x 10” 
tens: 95 
14x 10” 
Total mass of PO; = s ; = aan =|9.689 g| Answer 
02 x 
‘(d) Onemolecule of H,PO, gives three positive charges in the solution 


6.14x 10” molecules of H,PO, will give=3 x 6.14. x 10” 


1.842 x 10” positive charges| Answer 


Number of positive and negative charges are always equai. So the number of 
negative charges dispersed in the solution = 1.842 x 10”. 


1.5.2 Molar Volume . ; 
One mole of any gas at standard temperature and pressure (STP) occupies a 


volume of 22.414 dm’. This volume of 22.414 dm’is called molar volume and it is true 
only when the gas is ideal (the idea of the ideality of the gas is mentioned in chapter | 
three). 
With the help of this ankorrnasion, we can convert the mass of a gas at STP into its | 
volume and vice versa. | 
Hence we can say that 4 
2.016 g of H, = 1 mole of H, = 6.02 x 10” molecules of H, = 22.414 dm’ of H, at S. P 
beseiCH = =1 mole of CH, =6.02 x 10” molecules of CH,=22.414dm’ of CH, atS.T-P. 









a 
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It is very interesting to know from the above data that 22.414 dm’ of each gas has 
a different mass but the same number of molecules. The reason is that the masses and the 
sizes of the molecules don't affect the volumes. Normally, it is known that in the gaseous 
state the distance between molecules is 300 times greater than their diameters. 


Example (10): 

A well known ideal gas is enclosed in a container having volume 500 cm’ atS.T.P. 
Its mass comes out to be 0.72g. What is the molar mass of this gas. 
Solution: 

We can caleulate the number of moles of the ideal gas at S.T.P from the given 
volume. . 

22.414dm? or22414cm’ of the ideal gas at S.T.P = 1 mole 








1 
1 cm of the ideal gasatS.T.P = moles 
22414 
i . 
500 cm’ of the ideal gas at S.T.P = x 500 
22414 
= 0.0223 mol 
We know that 
M f th - 
Number of moles of the gas = MASS CRESS 
; Molar mass of the gas 
Mass of the gas 


Molar mass of the gas - 
Number of moles of the gas 


0.72 : 
8 _~ _(32 ¢ mol] Answer 


0.0223 mole 


Molar mass of the gas 


1.6 STOICHIOMETRY 

With the knowledge of atomic mass, molecular mass, the mole, the Avogadro's 
number and the molar volume, we can make use of the chemical equations in a much 
better way and can get many useful information from them. 

Chemical equations have certain limitations as well. They do not tell SbaUE the 
conditions and the rate of reaction. Chemical equation can even be written to describe a 
chemical change that does not occur. So, when stoichiometeric calculations are — 
performed, we have to assume the following conditions. ‘ 

1. All the reactants are completely converted into the sees ae 


Di No side reaction occurs. 
Stoichiometry is a branch of chemistry which” tells us the: quantitative | . 


relationship between reactants and aes in a balanced chemical Saige ae > 








proportions are obeyed. « 


—— 
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chemical equation. 
1) Mass-mass Relationship - 
If we are given the mass of one substance, we can calculate the mass of the other 
substances involved in the chemical reaction. 
2) Mass-mole Relationship or Mole-mass Relationship 


If we are given the mass of one substance, we can calculate the moles of other 
substance and vice-versa. 
3) Mass-volume Relationship 


If we are given the mass of one substance, we can calculate the volume of the 
other substances and vice-versa. 


Similarly, mole-mole calculations can also be performed. 
Example (11): 
Calculate the number of grams of K,SO, and water produced when 14 g of KOH 


are reacted with excess of H,SO,. Also, calculate the number of molecules of water 
produced. 


Solution: 


The following type of relationships can be studied with the help of a balanced 


For doing such calculations, first of all convert the given mass of KOH into moles 


and then compare these moles with those of K,SQ, with the help of the balanced chemical 
equation. 


Mass of KOH =14.0¢g 
Molarmass of KOH =39+16+1=56 g/mol 
No. of moles of KOH = pales — 0.25 
56 g mol’ 


Equation: 2KOH(aq) + H,SO,(aq) — K,SO,(aq)+2H,O(1) 


To get the number of moles of K,SO,, compare the moles of KOH with those of K,SO,. 


KOH : K,SO, 
2 : ] 
J ge ae 
2 
0.25 : 0.125 


So, 0.125 mole of K,SO, is being produced from 0.25 mole of KOH 
MolarmassofK,SO, =2x39+96 


= 174 g/mol 
‘ase of K,SO, produced = No. of moles x molar mass 


; 
| 
: 
| 








BASIC CONCEPTS Chemistry-XI 
= 0.125 molx 174g mol" 


=21.75g 
To get the number of moles of H,O, compare the moles of KOH with those of water 
KOH H,O 
2 ; 2 
1 : 1 
0.25 : 0.25 
So, the number of moles of water produced is 0.25 from 0.25 mol ofKOH 
Mass of water produced - =0.25molx 18gmol" 
=4.50g 
Number of molecules of water = No. of moles x 6.02 x 10” 


=0.25 mol x 6.02 x 10” molecules per mole 


1.50x 10” molecules} Answer 
Example (12): 


Magnesium metal reacts with HCI to give hydrogen gas. What is the minimum 
volume of HCI solution (27% by weight) required to produce 12.1g of H,. The Asi! of 
HCI solution is 1.14g/cm’. 

Mg(s)+2HCI(aq) —> MgCl,(aq)+H,(g) 










Solution: 
Mass ofH, produced =12.1g 
Molar mass of H, =2.016g mol" 
Moles of H, Mass of H, ad 12.1 g . 
Molar mass of H, 2.016 g mol 
= 6.0 moles . 
To calculate the number of moles of HCL, compare the moles of H, with those of HCl. . 
H, ; HCl .?. 
I ; 2 
6 : 12 S 
So, 12 moles of HCl are being consumed to produce 6 moles: of [28 le bas 
MassofHCl. _ =Moles of HCl x Molarmasso of HCl vr eens F 
=12molesx36. seek itt 38 Sry 
= 438 grams ; vt! epee 
We know that HCI solutionis 27% by weight, itmeansthat = ary ase Sie J 


27 g of HCl are present in HCI solution= 100 g 
100 - 


27a te <a Me 
Oane gaa <2 ; 
21a : 





lg is Bicsee in aN SOI 








438 g are present in HCl ara ‘= 
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Density of HCl solution =1.14 g/cm’ 
Mass of HC1 solution 


Vol FHC = 
Sp nENe Density of HC1 
1622.2 
= ee =|1423 cm’ | Answer 
1.14gcm 


1.7 LIMITING REACTANT 


Having completely understood the theory of stoichiometry of the chemical 
reactions, we shift towards the real stoichiometric calculations. Real in the sense that we 
deal with such calculations very commonly in chemistry. Often, in experimental work, 
one or more reactants is/are deliberately used in excess quantity. The quantity exceeds 
the amount required by the reaction's stoichiometry. This is done, to ensure that all‘of the 
other expensive reactant is completely used up in the chemical reaction. Sometimes, this 
strategy is employed to make reactions occur faster. For example, we know that a large 
quantity of oxygen in a chemical reaction makes things burn more rapidly. In this way, 
excess of oxygen is left behind at the end of reaction and the other reactant is consumed | 
earlier. This reactant which is consumed earlier is called a limiting reactant. In this way, 
the amount of product that forms is limited by the reactant that is completely used. Once 
this reactant is consumed, the reaction stops and no additional product is formed. Hence 
the limiting reactant is a reactant that controls the amount of the product formed in a 
chemical reaction due to its smalleramount. 

The concept of limiting reactant is analogous to the relationship between the 
number of “kababs” and the “slices” to prepare “sandwiches”. If we have 30 “kababs” 
and five breads “having 58 slices”, then we can prepare only 29 “sandwiches”. One 
“kabab” will be extra (excess reactant) and “slices” will be the limiting reactant. It is a 
practical problem that we cannot purchase exactly sixty “slices” for 30 “kababs” to 
prepare 30 “sandwiches”. 

Consider the reaction between hydrogen and oxygen to form water. 

2H,(g) + O,(g) — 2H,0(I) 

When we take 2 moles of hydrogen (4g) and allow it to react with 2 moles of 
oxygen (64g), then we will get only 2 moles (36g) of water. Actually, we will get 2 moles 
(36g) of water because 2 moles (4g) of hydrogen react with 1 mole (32 g) of oxygen 
according to the balanced equation. Since less hydrogen is present as compared to 
oxygen, so hydrogen is a limiting reactant. If we had reacted 4 moles (8g) of hydrogen 
with 2 moles (64 g) of oxygen, we would have obtained 4 moles (72 g) of water. 


Identification of Limiting Reactant 
To identify a limiting reactant, the following three steps are performed. 
1. Calculate the number of moles from the given amount of reactant. 


2. Find out the number of moles of product with the help ofa balanced chemical 
=~ ion. : 
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3. Identify the reactant which produces the least amount of product as 
limiting reactant. 
Following numerical problem will make the idea clear. 


Exantple (13): 

NH, gas can be prepared by heating together two solids NH,Cl and Ca(OH).. Ifa 
mixture containing 100 g of each solid is heated then 

(a) Calculate the number of grams of NH, produced. 

(b) Calculate the excess amount of reagent left unreacted. 

2NH,Cl(s) + Ca(OH)(s) — + CaCl,(s) + 2NH,(g) + 2H,0() 
Solution: . 

(a) Convert the given amounts of both reactants into their number of moles. 


Mass of NH, Cl = 100g 
MolarmassofNH,C1 =53.5gmol' 
10 
Moles of NHC1 = ——228 _ 1187 
53.5 g mol 


Mass of Ca(OH), =100g 
Molar mass of Ca(OH), =74 g mol 


Moles of Ca(OH), = ——~8 — =135 
74 g mol 
Compare the number of moles SENG! with those of NH, 
NH,Cl : NH, 
2 : 2 
] : 1 
1.87 ; 1.87 
Similarly, compare the number of moles of Ca(OH), with those of NH,. 
rae 4 NH, 
: 2 
i 35 : 2710) i 


Since the number of moles of NH, produced by 100g or 1.87 moles of NH,Ckare 
less, so NH,Cl is the pase reactant. The other reactant, Ca(OH), is present in EXCESS. 
Hence 








Piece ‘a? 


Mass of NH, produced= 1.87 molesx 17 gmol" 
og * =31.79 | Answer ~ - Sacal P 
(b) Amountofthereagentpresentinexcess = : 
Let us calculate the number of moles of On wu rl 
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NH,Cl 3 Ca(OH), 
2 : | 
1 3 ay 
2 

1.87 : 0.935 

Hence the number of moles of Ca(OH), which completely react with 1.87 mol of 
NH,Clis 0.935 mol. 

No. of moles of Ca(OH), taken =1.35 
No. ofmoles of Ca(OH), used =().935 
No. of moles of Ca(OH), left behind = 1.35-0.935=0.415 
Mass of Ca(OH), left unreacted (excess) =0.415x74 =30.71 g; Answer 


It means that we should have mixed 100 g of NH,Cl with 69.3 g (100 - 30.71) of 
Ca(OH), to get 1.87 moles of NH,. 


1.8 YIELD 
The amount of the products obtained in a chemical reaction is called the actual 
yield of that reaction. 


The amount of the products calculated from the balanced chemical equation 
represents the theoretical yield. The theoretical yield is the maximum amount of the 
product that can be produced by a given amount of a reactant, according to balanced 
chemical equation. 

In most chemical reactions the amount of the product obtained is less than the 
theoretical yield. There are various reasons for that. A practically inexperienced worker 
has many shortcomings and cannot get the expected yield. The processes like filtration, 
separation by distillation, separation by a separating funnel, washing, drying and 
crystallization if not properly carried out, decrease the actual yield. Some of the reactants 

might take part in a competing side reaction and reduce the amount of the desired 
product. So in most of the reactions the actual yield is less than the theoretical yield. 
A chemist is usually interested in the efficiency of a reaction. The efficiency of a 
reaction is expressed by comparing the actual and theoretical yields in the form of 


percentage (%) yield. Reraal 
tu | 
% yield= _Actualyield x 100 
Theoretical yield 


Example (14): 

When limestone (CaCO,) is roasted, quicklime (CaO) is produced according to 
the following equation. The actual yield of CaO is 2.5 kg, when 4.5 kg of limestone is 
roasted. Whatis the percentage yield of this reaction. 


CaCO, (s)—+CaO (s) + CO, (g) 
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Solution: 
Mass of limestone roasted =4.5kg=4500¢ 
Mass of quick limeproduced (actual yield) =2.5kg=2500g 
Molar mass of CaCO, = 100 gmofl' 
Molar mass of CaO =56gmol' 
According to the balanced chemical equation 
100 g of CaCO, should give CaO =562 
1g of CaCO, should give CaO =56/100 
4500 g of CaCO, should give CaO = 56/100 x 4500 
=2520 2 
Theoretical yield of CaO =2520¢ 
Actual yield of CaO =2500 g 
yields 0 2 eT ON 
Theoretical yield 2520 g 
=(99.2%| Answer 
KEY POINTS | 


(1) 


(2) 


(3) 


(4) 
(5) 
(6) 


Atoms are the building blocks of matter. Atoms can combine to form ranleailes 
Covalent compounds mostly exist in the form of molecules. Atoms and 
molecules can either gain or lose electrons, forming charged particles called ions. 


Metals tend to lose electrons, becoming positively charged ions. Non-metals 


tend to gain electrons forming negatively charged ions. When X-rays or 
a. - particles are passed through molecules in a gaseous state, they are converted 
into molecular ions. ) 

The atomic mass of an element is determined with reference to the mass of 
carbon as a standard element and is expressed in amu. The fractional atomic 
masses can be calculated from the relative abundance of isotopes. The separation 
and identification of isotopes can be carried out by mass spectrograph. 

The composition of a substance is given by its chemical formula. A molecular 
substance can be represented. by its empirical or a molecular formulae. The 
empirical and molecular formulae are related through a simple integer. 
Combustion analysis is one of the techniques to determine the empirical formula 
and then the molecular formula ofa substance by knowingitsmolarmass. ~ 
A mole of any substance is the Avogadro’s number of atoms or molecules or 
formula units of that substance. 

The study of quantitative relationship between the reactants and the products ina 
balanced chemical equation is knowns stoichiometry. The mole: concept canbe 
used to calculate the relative quantities of reactants and products in a a balance 
chemical equation. wir ey oe “= er - 
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ot The concept of molar volume of gases helps to relate solids and liquids with gases 
in.a quantitative manner. 

8. A limiting reactant is completely consumed in a reaction and controls the 
quantity of products formed. 


9. The theoretical yield ofa reaction is the quantity. of the products calculated with 
the help ofa balanced chemical equation. The actual yield ofa reaction is always 
less than the theoretical yield. The efficiency of a chemical reaction can be 
checked by calculating its percentage yield. 


EXERCISE 


Q1 _ Select the most suitable answer from the given ones in each question. 
(i) Isotopes differ in: 
(a) properties which depend upon mass. 
(b) arrangement of electrons in orbitals 
(c) chemical properties 
(d) the extentto which they may be affected in electromagnetic field. 
(ii) Select the most suitable answer from the given ones in each question. 
(a) _ Isotopes with even atomic masses are comparatively abundant. 
(b) _ Isotopes with odd atomic masses are comparatively abundant. 
(c) Isotopes with even atomic masses and even atomic numbers are 
comparatively abundant. 
(d) Isotopes with even atomic masses and odd atomic numbers are 
‘ comparatively abundant. 
(iii) | Many elements have fractional atomic masses. This is because: 
(a) ~ themass ofthe atom is itself fractional. 
é _ (b) atomicmasses are average masses of isobars. 
~~ (©) atomicmasses are average masses of isotopes. 
: (qd) atomic masses are average masses of isotopes proportional to 
meet aie Rueirrelative abundance. 
ove ine one mole of electrons is: 
ake a a 008mg (b) 0.55mg (c) 0.184mg (d) 1.673mg 
34 page 









willreact completely with how much mass of O, to produce A1,0,. 

) 82 z of 07 () 16gofoxygen (c) 32 gofoxygen (d) 24gofoxygen 
ibe: fmoles of CO, which contain 8. 0g of oxygen. 

D a0: (c) 1.0 (d) 1.50 
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(vii) The largest number of molecules are present in: 
(a) 3.6gofH,O (b) 4.8g0fC,H,OH (c) 2.8gofCO (d) 5.4gofN,0, 
(viii) OnemoleofSO, contains: 
(a) 6.02x10” atoms of oxygen (b) 18.1x 10” molecules of SO, 
(c) 6.02x10” atoms of sulphur (d) 4gram atoms of SO, 
(ix) | The volume occupied by 1.4 g ofN,atS.T.Pis: 
(a) 2.24dm’ (b) 22.4dm’ (c) 1.12dm’ (d) 112cm’ 
(x) A limiting reactant is the one which: 
(a) is taken in lesser quantity in grams as compared to other reactants. 
(b) is taken in lesser quantity in volume as compared to the other reactants. 
(c) gives the maximum amount of the product which is required. 
(d) gives the minimum amount of the product under consideration. 
Q2. Fillinthe blanks 
(i) The unit of relative atomic mass is 
(ii) The exact masses of isotopes can be jeeeanen by 
spectrograph. 
(iii) | Thephenomenon ofisotopy was first discovered by 
(iv) Empirical formula can be determined by combustion analysis for those 


compounds which have and in them. 
(v)  Alimiting reagent is that which controls the quantities of 
(vi) 1 moleofglucose has atoms of carbon, __ ofoxygenand 
ofhydrogen. 
(vil) 4gofCH,at0°C and | atm pressure has molecules of CH,. 
(viii) Stoichiometric calculations can be performed only when is 
obeyed. 


Q3. Indicate true or false as the case may be: 

(i) Neon has three isotopes and the fourth one with atomic mass 20.18 amu. 

(ii) | Empirical formula gives the information about the total number of atoms present 
in the molecule. 

(iii) | During combustion analysis Mg(ClO,), is employed to absorb water vapours. 

(iv) | Molecular formula is the integral multiple of: empirical formula and the integral 


mutiple can never be unity. 
(v) | Thenumber ofatomsin 1.79 g of gold and 0. 023 g of sodium are equal. a 
(vi) Thenumber of electrons in the molecules of CO andN, are 14 each, so 1 gofeach 

gas will have same number ofelectrons. — _ 


(vii) Avogadro’s hypothesis is.applicable to all types of gases i.e. ideal and non-ideal 


= — 


S ee. Oe i 
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(viii) Actual yield ofa chemical reaction may be greater than the theoretical yield. 


Q.4  Whatareions? Under what conditions are they produced? 

Q.5 (a) Whatareisotopes? How do you deduce the fractional atomic masses of 
elements from the relative isotopic abundance? Give two examples in 
support of your answer. 

(b) How does a mass spectrograph show the relative abundance of isotopes 
ofanelement? 

(c) What is the justification of two strong peaks in the mass spectrum for 
bromine; while for iodine only one peak at 127 amu is indicated? 

Q.6 Silver has atomic number 47 and has 16 known isotopes but two occur naturally 

i.e. Ag-107 and Ag-109. Given the following mass spectrometric data, calculate 
the average atomic mass of silver. 


Percentage abundance 
Ag 106.90509 51.84 
Ag 108.90476 48.16 


(Ans: 107.83 amu) 
Q.7 Boron with atomic number 5 has two naturally occurring isotopes. Calculate the 
percentage abundance of "B and ''B from the following information. 






Average atomic mass of boron = 10.81 amu 

Isotopic mass of "B = 10.0129 amu 

Isotopic mass of "B =11.0093amu (Ans: 20.002%, 79.992%) 
Q.8 Define the following terms and give three examples ofeach. 

(i) Gram atom (v) Molar volume 

(ii) | Grammolecularmass (vi) | Avogadro’s number 

(iii) | Gram formula (vii) Stoichiometry 

(iv) Gramion (viii) Percentage yield 


Q.9 Justify the following statement: 


a) - 23 gofsodiumand 238 g of uranium have equal number of atoms in them. 


b) Magnesium atom is twice heavier than that of carbon atom. 


_¢)  180gofglucose and 342 g ofsucrose have the same number of molecules 


| ___ butdifferentnumber ofatoms present in them. 
_ 4.9go0fH,SO, when completely ionized in water, have equal number of 


- positive and negative charges but the number of positively charged ions 


ie vi twice the number of negatively charged ions. 


bier One mg of K,CrO, has thrice the number of ions than the number of 


o- 


| a seen: when ionized in water. 
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f) Two grams of H,,16g of CH, and 44 g of CO, occupy separately the 
volumes of 22.414 dm’, although the sizes and masses of molecules of 
three gases are very different from each other. 


Q.10 Calculate each of the following quantities. 


Q.11 


Q.12 


Q.13 


a) Mass in grams of 2.74 mol of KMnO,. (Ans: 432.92g) 
b) Moles of O atoms in 9,00g of Mg (NO,),. (Ans:.0.36 mol) 
c) Number of O atoms ist 10.037 g of CuSO,-5H,O. (Ans: 2.18 x 10” atoms) 
d) Mass in kilograms of 2.6 x 10” molecules of SO, (Ans: 2.70x10" kg) 
ce) Moles of Cl atoms in 0.822 g C,H,Cl.. (Ans: 0.0178 mol) 
f) Mass in grams of 5.136 mol of Ag,CO,. (Ans: 1416.2 g) 
g) Mass in grams of 2.78 x 10” molecules of CrO,Cl.. (Ans: 0.7158 g) 


h) Number of moles and formula units in 100g of KCIO,,. 
(Ans: 0.816 mol, 4.91 x 10° formula units) 
i) Number of K’ ions, ClO’, ions, Cl atoms, and O atoms in (h). _ 
(Ans: 4.91 x 10° K, 4.91x 107 Clo;' , 4.91x 10” Cl", 1.47x 10% 0 atoms) 
Aspartame, the artificial sweetner, has a molecular formula of C,.H,,N,O,. 
a) What isthe mass of one mole ofaspartame? (Ans: 294 g mol") 
b) Howmany moles are present in 52 g of aspartame? (Ans: 0.177 mol) 
c) Whatis the mass in grams of 10.122 moles ofaspartame? (Ans: 2975.87 g) 
d) How many hydrogen atoms are present in 2.43 g ofaspartame? 
(Ans: 8.96 x 10” atoms of H) 
A sample of 0.600 mol of a metal M reacts completely with excess of fluorine to 
form 46.8 g of MF.,,. 
a) How many moles of F are present in the sample of ME, that forms? 
(Ans: 1.2 mol) 
b) Which elementis represented by the symbol M? (Ans: calcium) 
In each pair, choose the larger of the indicated quantity, orstate if the samples are equal. 
a) Individual particles: 0.4 mol of oxygen molecules or 0 Amolof oxygen 


atoms. (Ans: batts ana 
b) Mass: 0.4 mol of ozone molecules or 0.4 mol of oxygen atoms, me 
(Ans: ozone) 
c) Mass: 0.6 mole of C,H, or 0.6 mol ofI,. (Ans: Ljjae ae 
d) Individual particles:4.0gN,O,or3.3gSO, = (Ans:SO,) 
e) Totalions:2.3 mol of NaCIO, or2.0 mol of MgCl,. (Ans: MgCl.) 
f) Molecules: 11.0¢H,O or 11.0gH,0,. = (Ans:H,0) 


g) Na’ ion: 0,500 mole of NaBr or 0. 0145kg of NaCl. mes: ee 
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Q.14 


Q.15 


Q.16 


Q.17 


Q.18 


Q.19 


h) Mass: 6.02x 10” atoms of “U or 6.02 x 10” atoms of "U. (Ans: U™) 
a) Calculate the percentage of nitrogen in the four important fertilizers i.¢., 
(i) NH, (ii) NH,CONH, (urea) (iii) (NH,),SO, (iv) NH,NO,. 
(Ans: 82.35%, 46.67%, 21.21%, 35%) 
b) Calculate the percentage of nitrogen and phosphorus in each of the 
following: 
(i) NH,H,PO, (ii) (NH,),HPO, (iii) (NH,),PO, 
(Ans: (i) N=12.17%,P=26.96% (ii) N=21.21%,P=23.48% (iii) N=28.18%,P=20.81%) 
Glucose C,H,,0, is the most important nutrient in the cell for generating chemical 
potential energy. Calculate the mass % of each element in glucose and determine 
the number of C, Hand O atoms in 10.5 g ofthe sample. 
(Ans: C=40%, H=6,66%, O=53,33%, C=2.107x10", H=4.214x10", O=2.107x 10°) 
Ethylene glycol is used as automobile antifreeze. It has 38.7% carbon, 9.7 % 
hydrogen and 51.6% oxygen. Its molar mass is 62.1 g mol’. Determine its 
empirical formula.? (Ans: CH,O) 
Serotenin (Molar mass = 176g mol”) is a compound that conducts nerve impulses 
in brain and muscles. It contains 68.2 % C.6.86 % H, 15.09 %N, and 9.08 % O. 
Whatis its molecular formula? (Ans: C,,H,,N,O) 
An unknown metal M reacts with S to form a compound with a formula MS. If, 
3.12 g of M reacts with exactly 2.88 g of sulphur, what are the names of metal M 
and the compound M,S,? (Ans: Cr; Cr,S,) 
The octane present in gasoline bums according to the following equation. 
2C, H,, 1) +250, (g) > 16CO, (g)+ 18H, O(1) 
a) How many moles of O, are needed to react fully with 4 moles of octane? 
(Ans: 50 moles) 
b) How many moles of CO, can be produced from one mole of octane? 
(Ans: 8 moles) 
c) How many moles of water are produced by the combustion of 6 moles of 
octane? . (Ans: 54 moles) 
d) Ifthis reaction is to be used to synthesize 8 moles of CO, how many grams of 
oxygen are needed? How many grams of octane will be used? 
(Ans: 400 g: 114 g) 
Calculate the number of grams of ALS, which can be prepared by the reaction of 
20 g of Aland 30 g of sulphur. How much the non-limiting reactant is in excess? 
(Ans: 46.87g; 3.125) 
A mixture of two liquids, hydrazine N,H, and N,O, are used in rockets. They 


produce N, and water vapours. How many grams of N, gas will be formed by 
SAEED SEN. and 200g of N,O,,. (Ans: 131.04) 


ya: 2N,H,+ N,O, — 3N, + 4H,O 
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Q.22 


Silicon carbide (SiC) is an important ceramic material. It is produced by allowing 
sand (SiO,) to react with carbon at high temperature. 
SiO, + 3C — SiC + 2CO - 


When 100 kg sand is reacted with excess of carbon, 51.4 kg of SiC is produced. What is 


Q.23 


Q.24 


Q.25 


the pecentage yield of SiC? (Ans: 77%) 

a. What is stoichiometry? Give its assumptions? Mention two important laws, 
which help to perform the stoichiometric calculations? 

b. Whatisa limiting reactant? How does it control the quantity of the product 
formed? Explain with three examples. 

a. Define yield. How do we calculate the percentage yield of a chemical 
reaction? 

b. What are the factors which are mostly responsible for the low yield of the 
products in chemical reactions? : 

Explain the following with reasons. 

i) Law of conservation of mass has to be obeyed during stoichiometric 
calculations. 

ii) Many chemical reactions taking place in our surrounding involve the 
limiting reactants. 

iii) No individual neon atom in the sample of the element has a mass of 20.18 
amu. 

iv) One mole of H,SO, should completely react with two moles of NaOH. How 
does Avogadro’s number help to explain it? 

v) One mole ofH,O has two moles of bonds, three moles ofatoms, ten moles of 
electrons and twenty eight moles of the total fundamental particles present in 
it. 

vi) N,and CO have the same number of electrons, protons and neutrons. 





aa 
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Chapter 2 


EXPERIMENTAL TECHNIQUES 
IN CHEMISTRY 





Analytical chemistry is the science of chemical characterization. A complete 
chemical characterization of a compound must include both qualitative and quantitative 
analyses. In qualitative analysis, the chemist is concerned with the detection or 
identification of the elements present in a compound. Whereas in quantitative analysis, 
the relative amounts of the elements are determined. A complete quantitative 
determination generally consists of four major steps (i) Obtaining a sample for analysis 


- (ii) Separation of the desired constituent (iii) Measurement, and calculation of results 


(iv) Drawing conclusion from the analysis. In this chapter, we will restrict ourselves to 
only important techniques of separation. The students will practice these techniques 
during their laboratory work, however their theoretical aspect is given here. 


2.1 FILTRATION 


The process of filtration is used to separate insoluble particles from liquids, It can 
be performed with several types of filter media, Nature of the precipitate and other 
factors dictate which filter medium should be used. The most convenient ways of 
filtration are either through a filter paper or through a filter crucible. 


2.1.1 Filtration Through Filter Paper 


Filtration by a glass funnel and filter paper is usually a slow process. As the 
mixture is poured onto the filter paper, the solvent (water) passes through leaving behind 
the suspended particles on the filter paper. Filter papers are available in a variety of 
porosites (pore sizes) . Which pore size is to be used, depends upon the size of particles in 
the precipitate. The filter paper should be large enough so that it is one-fourth to one-half 
full of precipitate at the end of filtration. The funnel should, in turn, be large enough for 
its rim to extend | to 2 cm above the top circumference of the paper. If the process of 
filtration is to run smoothly, the stem of the funnel should remain continuously full of 
liquid as long as there is liquid in the conical portion. The stem of the funnel should be 

several inches long so that it can extend a few centimeters down into the receiving beaker, 
and the tip should touch the side of the beaker. In this way, the filtrate runs down the side of beaker 
without splashing. A complete filter paper assembly is shown in Fig(2.1). 
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Folding of Filter Paper 

The folding of filter paper is important and 
the following points should be kept in mind. The 
paper should be folded twice. The first fold should 
be along the diameter of the paper. The second fold 
should be such that edges do not quite match. The 
paper should be opened on the slightly larger 
section. This provides a cone with three fold 
thickness halfway around and one thickness the 
other halfway around, and an apex angle very 
slightly greater than 60 degrees. The paper may 
then be inserted into 60 degree funnel, moistened 
with water and firmly pressed down. The filtering 
operation could be very time consuming if it were 
not aided by a gentle suction as liquid passes 
through the stem. This suction cannot develop 
unless the paper fits tightly all around its upper 
circumference. 
Fiuted Filter Paper 

The rate of filtration through conical 
funnel can be considerably increased using a 
Fluted Filter Paper. For preparation of such a paper 
ordinary filter paper is folded in such a way that a 
fan like arrangement with alternate elevations and 
depressions at various folds is obtained Fig (2.2). 


2412 Filtration Through Filter Crucibles 


Another convenient way to filter a 
precipitate is by suction through a crucible. Two 
types of crucibles are generally used. 


Gooch Crucible 


It is made of porcelain having a perforated 
bottom which is covered with paper pulp or a filter 
paper cut to its size Fig (2.3 a). Quick filtration can 
be done by placing the Gooch crucible in a suction 
filtering apparatus, It is useful for the filtration of 
precipitates, which need to be ignited at high 
temperature. If its perforations are covered with 
asbestos mat then it may be used to filter solutions that 
react with paper e.g. concentrated HCl and KMnO, 
solutions. 
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Fig (2.1)Filtration assembly 
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Fig (2.2) Fluted filter paper 





Fig (3) Gooch Crue Fig, 38) Sintered 
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Sintered glass crucible 


Sintered glass crucible is a glass crucible with a porous glass disc sealed into the 
bottom. It is very convenient to use because no preparation is needed as with the Gooch : 
crucible Fig (2.3b), 


2.2 CRYSTALLIZATION 
Crystallization is the removal of a solid from solution by increasing its 
concentration above the saturation point in such a manner that the excess solid separates 


outin the form of crystals. 
; The preparation of a chemical compound usually affords a crude product and 


there is aneed to purify i it by crystallization froma suitable solvent. The basic principle of 
crystallization is the fact that the solute should be soluble in a suitable solvent at high 
temperature and the excess amount of the solute is thrown out as crystals when it is 
_ cooled. The process of crystallization involves the following steps. 


2.2.1 Choice ofa Solyent 
The solvent is chosen on hit and trial basis and it is necessary to try a number of 
solvents before arriving ata conclusion. An ideal solvent should have the following features. 
i. Itshoulddissolvea large amount of the substance at its boiling point and only a 
' small amount at the room temperature. 
ii. _Itshould not react chemically with the solute. 
: iii. Itshould either not dissolve the impurities or the impurities should not 
: crystallize from italong with the solute. 
iy. Oncooling it should deposit well-formed crystals of the pure compound. 
v. Itshould be inexpensive. 
vi. Itshouldbe safe to use and should be easily removable. 
The solvents which are mostly used for crystallization are, water, rectified spirit 
(95% ethanol), absolute ethanol, diethyl ether, acetone, chloroform, carbon 
tetrachloride, acetic acid and petroleum ether. Ifnone of the solvents is found suitable for 
crystallization, a combination of two or more miscible solvents may be employed. [f the 
solyent is inflammable then precaution should be taken while heating the solution so that 
it does not catch fire. In such cases, water bath is used for heating purpose. 


2. 2.2) Preparation ofthe Saturated Solution: 


After selecting a suitable solvent, the substi is then dissolved in a minimum 
_ atiount of solvent and is heated directly or on a water bath with constant stirring. Add 
eRe the boiling Solution if, Ueeeeaty untilall ie solute has dissolved. 


Filtration 
_ _ Theinsoluble impurities in the saturated solution are then removed by filtering the 
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hot saturated solution, through a normal ora fluted filter paper. This avoids the premature 
crystallization of the solute on the filter paper or in the funnel stem. Ifnecessary hot water 
funnel should be used for this purpose. 


2.2.4 Cooling 


The hot filtered solution is then cooled at a moderate rate so that medium sized 
crystals are formed. Slow cooling yields bigger crystals which are likely to include 
considerable amount of solvent carrying impurities with it and complicating the drying 
process. 


2.2.5 Collecting the Crystais 


When the crystallization is complete, the mixture of crystals and the mother 
liquor is filtered through a Gooch crucible using a vacuum pump. Full suction is applied 
in order to drain the mother-liquor from the crystals as effectively as possible. When the 
filter cake is rigid enough it is pressed firmly with a cork to drain the left-over liquid. The 
crystals are then washed with a small portion of cold solvent and the process is repeated 
several times. The mother liquor is quite often concentrated by evaporation and cooled to 
obtain a fresh crop of crystals. The process of crystallization appears to be very simple 
yet the success of operation lies in the amount or the percentage of crystallized product 
obtained from the crude substance. 


2.2.6 Drying of the Crystallized Substance 


Pressing it between several folds of filter papers and repeating the process several 
times dries the crystallized substance. This process has the disadvantage that the crystals 
are crushed to a fine powder and sometimes the fibres of filter paper contaminate the 
product. Alternatively, the crystals are dried in an oven, provided, the substance does not 
melt or decompose on heating at 100 °C. 

A safe and reliable method of drying crystals is through a vacuum desiccator. In 
this process the crystals are spread over a watch glass and kept in a vacuum desiccator for 
several hours. The drying agents used i in a desiccator are CaCl, silica gel or phosphorus 
pentoxide. 


2.2.7 Decolourization of Undesirable Colours 
Sometimes during the preparation of a crude substance, the colouring matter or 


resinous products affect the appearance of product and it may appear coloured. Such 
impurities are ‘conveniently removed by boiling the substance i in the solvent ar 2 







The coloured impurities are adsorbed by animal charcoal and the pure pure decolour 
substance crystallizes out from the filtrate on cooling. 


| 
| 
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2.3 SUBLIMATION (ya Geren Five 
Itis a process in which a solid, when heated, 
vapourizes directly without passing through the 
liquid phase and these vapours can be condensed to 
form the solid again. It is frequently used to purify a 
solid. Examples of such solids are ammonium 
chloride, iodine, naphthalene, benzoic acid, etc. To 
carry out the process, the substance is taken in a 
watch-glass covered with an inverted funnel. The 
substance is then heated slowly over a sand-bath and 
the funnel is cooled with wet cotton. The pure solid 
deposits on the inner side of the funnel Fig (2.4). 


2.4 SOLVENT EXTRACTION Fig (2.4) Sublimation 


Solvent extraction is an important technique 
in chemical analysis. According to this technique a 
solute can be separated from a solution by shaking 
the solution with a solvent in which the solute is 
more soluble and the added solvent does not mix 
with the solution. Usually it is done by placing the 
solution and the second liquid into a separating 
funnel Fig (2.5). The funnel is stoppered and the two 
liquids are shaken together. 

The most common laboratory example of 
solvent extraction is ether extraction. This is used to 
separate the products of organic synthesis from 
water. In a typical organic synthesis, the aqueous 
solution containing the organic product is shaken up 
with ether in a separating funnel and allowed to 
separate. The inorganic impurities remain in aqueous phase whereas the organic 
compound goes to the ether layer. The ether layer is separated and the organic product is 
obtained by evaporating the ether. Repeated extractions using small portions of solvent 

(ether) are more efficient than using a single but larger volume of solvent. The technique 
is particularly useful when the productis volatile or thermally unstable. 


Solvent extraction is an equilibrium process and follows the distribution law or 
partition law. This law states that a solute distributes itself between two immiscible 
liquids in a constant ratio of concentrations irrespective of the amount of solute added. 
The law 1s based on experimental evidence. Consider, for example, the distribution of 
iodine between two immiscible solvents, water in the presence of KI and carbon 
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Fig.(2.5) Separating funnel 


tetrachloride. Iodine reacts with iodide ion to produce tri-iodide ion in a reversible 
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reaction. The following dynamic equilibrium is established. 
L + T @q) = = — J;'€q) - 
soluble in CCl, soluble in water 


At this point the rate at which iodine passes from CCI, to water equals the rate at 
which it passes from water to CC],. 


So, if we add CCI, to an aqueous solution of I, ions, the iodine will transfer from 
the aqueous layer into the organic layer. As a result, the brown colour of the tri-iodide 
ions fades and the purple colour of free iodine molecules appears in organic phase. To 
achieve a good separation, the two liquids are gently shaken to increase their area of 
contact and improve the chances of transferring iodine molecules. No matter how much 
iodine is used, the ratio of the final concentrations at equilibrium is constant. The 
constant is called distribution coefficient, K and is given by 


— L(CCL)] 
* [ T; (aay) 
2.5 CHROMATOGRAPHY 
Another important application of the distribution phenomenon is 
chromatography. The word chromatography originates from the Greek word 
“Khromatos” meaning colour writing. 
Chromatography is a method used primarily for the separation of a sample of 
mixture. It involves the distribution of a solute between a stationary phase and a mobile 
phase. The stationary phase may be a solid or a liquid supported as a thin film on the 


surface of an inert solid. The mobile phase flowing over the surface of the stationary 
phase may bea gas ora liquid. 


In chromatography, substances are separated due to their relative affinities for the 
stationary and mobile phases. The distribution of the components of a mixture between 
the two phases is governed by distribution coefficient K. 

_ _ Concentration of a component in the moving phase 
Concentration of that component in the stationary phase 


The component of a mixture with a small value of K mostly remains in the 
stationary phase as the moving phase flows over it. The component with a greater value of 
K gets largely dissolved in the mobile phase and passes over the stationary phase quickly. 

Chromatography in which the stationary phase is a solid, is classified as 
adsorption chromatography. In this type, a substance leaves the ee Pa to become 
adsorbed on the surface of the solid phase. 

Chromatography in which the stationary phase 1 is! a git x ‘called partition 
chromatography. In this type, the substances being separated a are, distributed thtougtons 
both the stationary and mobile phases. iA iN pS Wi : 

There are various techniques of chromatography. One ‘sch fSchnique Tamnely 
paper chromatography is discussed below, 
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2.5.1 PAPER CHROMATOGRAPHY 


Itis a technique of partition chromatography. Here the stationary phase is a liquid 
(say H,O) adsorbed on paper. The adsorbed water behaves as an immiscible liquid 
towards the mobile phase, which passes over the paper. The mobile phase is usually an 
organic liquid. There are three common ways of carrying out paper chromatography 
namely (i) ascending (ii) descending (iii) radial/circular. Only the ascending type will be 
discussed here. In this technique the solvent is in a pool at the bottom ofa vessel in which 
the paper is supported and the solvent travels upwards by capillary action. 

Pour a solvent mixture, specially 
composed in accordance with the sample to 
be separated, into the chromatographic 
tank Fig (2.6). Cover the tank to 
homogenise its inner atmosphere. Take 
about 20 cm strip of Whatmann's 
chromatographic paper No.1 and draw on it 
a thin pencil line about 2.5 cm from one 
end. Spot a point, on the pencil line, with 
the sample mixture solution. To facilitate 
identification of the components of the 
mixture, spots of the known compounds 
may also be placed alongside. 

When the spots have dried, suspend 
the paper with clips so that the impregnated 
end dips into solvent mixture to a depth of 
5-6 mm. Cover the tank. As the solvent 
front passes the spots, the solutes begin to 
move upward. The rate at which they move 
depends on their distribution coefficients. 
When the solvent front has risen to about 

3/4 th of the length of the paper, remove the 
strip, mark the solvent front with a pencil and allow the strip to dry. 


Once the paper is dried, the pattern on the paper is called a chromatogram. The 
different components of the mixture, if coloured, can be visually identified. If colourless, 
the chromatogram has to be developed by chemical methods or physical techniques used 
to identify the spots. Each component has a specific retardation factor called R, value. 
The R, value is related to its distribution coefficient and is given by: 





Fig (2.7) Chromatogram 


R,= Distance travelled by a component from the original spot 
Distance travelled by solvent from the original spot 


» With reference to Fig (2.7) the chromatogram shows that the sample A contains 
both components B and C. The R, values for B and C are given by: 


R,(B) = x/y 
RC) = z/y 
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Uses of Chromatography 


The techniques of chromatography are very useful in organic synthesis for 


separation, isolation and purification of the products. They are equally important in 
qualitative and quantitative analyses and for determination of the purity ofa substance. 


~~ 
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KEY POINTS 


Acomplete characterization ofa compound must include both qualitative and 
quantitative analyses. 

Acomplete quantitative analysis ofa compound generally involves four major steps. 
The process of filtration is used to separate insoluble particles from liquids and it 
can be performed with several types of filter media. 

If the process of filtration with the filter paper is to run smoothly, the stem of the 
funnel should remain continuously full of eis as long as there is liquid in the 
conical portion. 

The filtering operation with the filter paper could be very time consuming if it 
were not aided by a gentle suction as liquid passes through the stem. This suction 
cannot develop unless the paper fits tightly all around the upper circumference of 
the funnel. 

The rate of filtration can be considerably increased using a fluted filter paper. 
Asolid compound is purified by crystallization from a suitable solvent. A solvent 
for crystallization should be able to dissolve the solute at high temperature and 
the maximum amount of the solute should be thrown out by the solvent when the 
solution is cooled. The process of crystallization involves many steps. 

The process of sublimation involves converting a solid directly into vapours and 
these vapours are then condensed to form solid again. It is frequently used to 
purify a solid. 

Solvent extraction technique involves the separation of a solute from a solution 
by shaking it with an immiscible solvent in which the solute is more soluble. The 
technique is mostly applied to separate organic compounds from water. 

Repeated extractions using small portions of solvent are more efficient than 
using a single extraction but large volume of solvent. 

Solvent extraction is an equilibrium process and it is controlled by distribution 
law. The technique is particularly useful when the compound wo be separated i is 
volatile or thermally unstable. 

Chromatography is a technique used for separating the components of a mixture. 
These components are distributed between a stationary and a mobile phase. The 
stationary phase may be a solid or a aliquid spponed ona solid. It adsorbs the 
mixture under 
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13. 


14. 


(i 


(ti) 


(iti) 


(iv) 


(v) 


separation. The mobile phase may bea liquid ora gas and while passing over the 
Stationary phase, competes with it for the constituents of the mixture. 

In paper chromatography, the stationary phase is water adsorbed on paper. The 
mobile phase is usually an organic liquid. 

The techniques of chromatography are very useful in organic synthesis for 
separation, isolation and purification of the products. 


EXERCISE 
Multiple choice questions. Encircle the correct answer. 
A filtration process could be very time consuming if it were not aided by a gentle 
suction which is developed: 
(a) if the paper covers the funnel upto its circumference. 
(b) ifthe paperhas got small sized pores in it. 
(c)  ifthestem ofthe funnel is large so thatit dips into the filtrate. 
(d)  ifthepaperfits tightly. 
During the process of crystallization, the hot saturated solution: 
(a) is cooled very slowly to get large sized crystals. 
(b) —_iscooled ata moderate rate to get medium sized crystals. 
(c) is evaporated to get the crystals of the product. 
(d) ismixed withan immiscible liquid to get the pure crystals of the product. 
Solvent extraction is an equilibrium process and it is controlled by 
(a) lawofmassaction. (b) theamountofsolventused. 
(c) distribution law. (d) theamountofsolute. 
Solvent extraction method is a particularly useful technique for separation when 
the productto be separated is: 
(a)  non-volatileorthermally unstable. (b) volatile or thermally stable. 
(c) non-volatile orthermally stable. (d) volatile or thermally unstable. 
The comparative rates at which the solutes move in paper chromatography, 
depend on: 
(a) _ thesize of paper (b) R,values of solutes. 
(c)  temperatureoftheexperiment. (d) size of the chromatographic tank used. 
Fill in the blanks. 
Acomplete chemical characterization ofa compound must include 
During filtration the tip of the stem of the funnel should touch the side of the 
beaker to avoid 
A fluted filter paper is used to the process of filtration. 
A solvent used for crystallization is required to dissolve of the substance at its 
boiling point and at the room temperature. 





Repeated solvent extractions using small portions of solvent are than 
usinga anes extraction with larger volume of the solvent. 
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Q.3 


Q.4 
Q.5 


Q.6 


Q.7 


Q.8 


Q.9 
Q.10 


Tick the correct sentences. If the sentence is incorrect, write the correct 
statements. 


(i) A qualitative analysis involves the identification of elements present in a 
compound. 

(ii) Ifthe process of filtration is to run smoothly, the stem of the funnel should 
remain empty. 


(iii) | Ifnone of the solvents is found suitable for crystallization a combination 
of two or more immiscible solvents may be used. 

(iv) Asolute distributes itself between two immiscible liquids in a constant 
ratio of concentrations depending upon the amount of solvent added. 

(v) Paper chromatography is a technique of partition chromatography. 

Why is there a need to crystallize the crude product? 

A water insoluble organic compound aspirin is prepared by the reaction of 

salicylic acid with a mixture of acetic acid and acetic anhydride. How will you 

separate the product from the reaction mixture? 


Asolid organic compound is soluble in water as well as in chloroform. During its 
preparation, it remains in aqueous layer. Describe a method to obtain from this 
layer. 

The following figure shows a developed chromatogram on paper with five spots. 
(i) Unknown mixture X 

(ii) SampleA 

(iii) SampleB 

(iv) SampleC 

(v) Sample D 

Find out (i) the composition of unknown mixture X 
(ii) which sample is impure and what is its composition. 

In solvent extraction technique, why repeated extraction 

using small portions of solvent are more efficient than using a single extraction 
but larger volume of solvent? 

Write down the main characteristics of a solvent selected for crystallization ofa 
compound. 

You have been provided with a mixture containing three inks with different 
colours. Write down the procedure to identify components of the mixture with 
the help of paper chromatography. 
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Chapter 3 


GASES 


3.1 STATES OF MATTER 

Matter exists in four states i.e., solid, liquid, gas and plasma. The simplest form of 
matter is the gaseous state and most of matter around us is in the solid state. 

Liquids are less common than solids, gases and plasmas. The reason is that the 
liquid state of any substance can exist only within a relatively narrow range of 
temperature and pressure. 

Let us look at the general properties of gases, liquids and solids. Kinetic 
molecular theory of gases can help us understand their properties. 


3.14 Properties of Gases 


1. Gases don’t have a definite volume and occupy all the available space. The 
volume ofa gas is the volume of the container. 


2 They don’t have a definite shape and take the shape of the container just like 
liquids. 

oh, Due to low densities of gases, as compared to those of liquids and solids, the 
gases bubble through liquids and tend to rise up. 

4 Gases can diffuse and effuse. This property is negligible in solids but operates in 


liquidsaswell. 
5. Gases can be compressed by applying a pressure because there are large empty 
spaces between their molecules. 


6. Gases can expand on heating or by increasing the available volume. Liquids and 
_ solids, on the other hand, do not show an appreciable increase in volume when. 
they are heated. 
7. When sudden expansion of gases occurs cooling takes place, it is called Joule 
Thomson effect. 
8. Molecules of gases are in a constant state of random motion. They can exert a 


ni certain pressure on the walls of the container and this pressure is due to the 
-»_ numberofcollisions. 

u The intermolecular forces in gases are very peakae 
3.1.2 Properties ofLiquids ~ 
1. Liquids don’t have a definite shape but have a definite volume. Unlike solids 
- * they adopt the shape of the container. 


WS Molecules of of liquids | are in @ constant state of motion. The evaporation and 
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diffusion of liquid molecules is due to this motion. 


3. The densities of liquids are much greater than those of gases but are close to those 
of solids. 

4, The spaces among the molecules of liquids are negligible just like solids. 

5. The intermolecular attractive forces in liquids are intermediate between gases 


and solids. The melting and boiling points of gases, liquids and solids depend 
upon the strength of such forces. : 

6. Molecules o f liquids possess kinetic energy due to their motion. Liquids can be 
converted into solids on cooling, i.e., by decreasing their kinetic energy. 
Molecules of liquids collide among themselves and exchange energy but those of 
solids can not do so. 


3.1.3 Properties of Solids 


l. The particles present in solid substances are very close to each other and they are 
tightly packed. Due to this reason solids are non-compressible and they cannot 
diffuse into each other. 

2. There are strong attractive forces in solids which hold the particles together 

firmly and for this reason solids have definite shape and volume. 

3. The solid particles possess only vibrational motion. 


3.1.4 Units of Pressure: 


The pressure of air that can support 760 mmHg column at sea level, is called one 
atmosphere. It is the force exerted by 760mm or 76cm long column of mercury on an area 
of lcm2 at 0°C. It is the average pressure of atmosphere at sea level ImmHg=lItor. The 
S.I. unit of pressure is expressed in Nm~. One atmospheric pressure i.e 760 torr is equal 
to 101325Nm~. 

lpascal= 1 Nm™. So, 760 torr= 101325Pa= 101.325 kilopascals (kpa is another 
unit of pressure) 

The unit pounds per square inch (psi) 1 is used most commonly in engineering 
work, and 1 atm=760 torr=14.7 pounds inch” . The unit millibar is commonly used by 
meteorologists. 


3.2 GASLAWS 
It is a matter of common observation that when external conditions of chica 

and pressure are changed, the volume of a given quantity of all gasés is affected. This effectis 

nearly the same irrespective of the nature of the gas. So gases show a uniform behaviour 

towards the external conditions. The gas laws describe this uniform behaviour of gases. The 

relationships between volume of a given amount of gas and the’prevailing conditions of : 

temperature and pressure are called the gas laws. Different scientists, like Boyle, Charles, d 

Graham and Dalton have given their laws relating to the : properties of gases. 


ul oo ane 
. 3.2.1 Boyle’ s Law 


iy 4 
In Boyle’s law the pressure and volume are variables mnie the temperature ea = 
quantity ofa gas remains constant. Boyle’ s lawi is stated as s follows: Aomd ll 
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The volume of a given mass of a gas at constant temperature is inversely 
proportional to the pressure applied to the gas. 


So Va a (when the temperature and number of moles 
are constant) 
or Vi s 
P 
PV=k(whenTandnareconstant)  — ....... (1) 

*k’ is proportionality constant. The value of k is different for the different 
amounts of the same gas. 

According to the equation (1), Boyle’s law can also be defined as: The product of 
pressure and volume ofa fixed amount ofa gas at constant temperature is a constant quant ity. 

So, — P.V,=k and P,V,=k 

Hence, PV, = PV, 


P,V, are the initial values of pressure and volume, while P,V, are the final values 
of pressure and volume. 


3.2.2 Experimental Verification of Boyle’s Law 
, The following diagram Fig. (3.1) indicates that at constant temperature say at 
25°C, 


2 atm pressure 





Fig (3.1) Verification of Boyle’s Law 


the volume of a given quantity of a gas is reduced in proportion to the increase in 
pressure. Let us take a gas in a cylinder having a moveable piston. The cylinder is also 
attached with a manometer to read the pressure of the gas directly. Let the initial volume 
of gas be 1 dm‘ and its pressure be 2 atmospheres when the piston has one weight on it, 
When the piston is pressed twice with the help of two equal weights, the pressure 
becomes four atmospheres. Similarly, when the piston is loaded with a mass three times 
greater, then the pressure becomes six [a aera ig initial volume of the gas at two 


atmospheres is | dm’ it is reduced to dm’ and then dm’ with increase of weights, 


lige oe mag MAP? L336 


efhr =2atmx dm? = 2dm’atm = k 





GASES Chemistry. -XI - 


P,V, = 4 atm = din? = 2dm’atm = k 
JL 


P,V, = 6atmx dm? = 2dm’atm = k 
Hence, Boyle’s law is verified. 
The value of k will remain the same for the same quantity of a gas at the same 
temperature. 


Example | 

A gas having a volume of 10 dm’ is enclosed i ina vessel at 0°C and the pressure is 
2.5 atmospheres. This gas is allowed to expand until the new pressure is 2 atmospheres. 
What will be the new volume of this gas, if the temperature is maintained at273 K? 
Solution 


Initial volume ofgas(V,) = 10dm° 

Initial temperature (T,) = 0°C+273K=273K 

Initial pressure (P,) = 2.5atm 

Final pressure (P,) = 2atm 

Final temperature (T,) = 273K 

Final volume (V,) =? = 


Since the temperature is constant (T,=T,) Boyle’s law is applicable 
P,V,=P,V, (whenTandnare constant) 


v,<5M akin 
P, f pe beerers apts Byte 
V,= 2.5 atm x10 dm? = (I2.5dm)| re | -— 
7) Qatm. fee. Ane cade 
3.2.3 Graphical Explanation of Boyle’s ay Laval VS Satay 
Let us take a particular amount of © BS ; nae 















a gas at a constant temperature say oC = 


in it. When the pressure on the gas is 
varied, its volume changes. Increase in <j} \ See 2 
pressure decreases the volume. If a graph s|| cr Isotherm at: o° 
is plotted between pressure on the x-axis 2} | 
(abscissa) and volume on the y-axis 
(ordinate), then a curve is obtained as 
shown in the Fig (3.2). 

This curve is called isotherm ‘iso 
means same, “therm” meansheat. ~ “> 


Now increase the comms 


eee. 
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the gas to 25°C. Keep this temperature constant and Y 
again vary the pressure and volume, and plot the 
isotherm. It goes away from both the axes Fig (3.3). 
Thereason is that at higher temperature, the volume of ~ 
the gas has increased. Similarly, if we increase the 
temperature further, make it constant and plot another 
isotherm, it further goes away from the axis. 


Volume (dm*) 





Ifa graphis plotted between + on X - axis and 0 essae Gan) * 
the pressure P on the Y-axis then a straight line is Fig. (3.3) Isothermes of a gas at different 
obtained as shown in the Fig (3.4). This shows that the pean tees 
pressure and inverse of volume are directly * Te 
proportional to each other. This straight line will meet T, 


at the origin which means that when the pressure is 
very close to zero, then the volume is so high that its 
inverse is very close to zero. 

By increasing the temperature of the same gas 
from T, to T, and keeping it constant, one can vary 
pressure and volume. The graphofthisdatabetweenP . 0 Sa 


P (atm) 
ie. 
Vv 
a 


X 


and~ will give another straight line. This straightline yy, (3.4) A plot between P and + 


at T, will be closer to the pressure-axisFig(3.4). | Y. 
Now, plot a graph between pressure on X-axis 

and the product PV on Y-axis. A straight line parallel to 
the pressure axis is obtained Fig(3.5). This straight line 
indicates that 'k' is a constant quantity. At higher 
constant temperature, the volume increase and value of 
product PV should increase due to increase of volume 
at same pressure, but PV remains constant at this new 





0 












| temperature and a straight line parallel to the pressure 9 =§ §3—————*P atm) 
: axis is obtained. This type of straightline willhelpusto Fig (3.5) A plot between pressure 
| understand the non-ideal behaviour of gases. Boyle's and product of PV 

law is applicable only to ideal gases. 


3.2.4 Charles’s Law’ 

It is a quantitative relationship between temperature and volume of a gas and was 
given by French scientist J.Charles in 1787. According to this law, the volume of the 
given mass ofa gas is directly a to the absolute temperature when the pressure 
be kepiepoi ant r 

.- eT _ (when pressure and number of moles are ofistant) 
el eV SET > 


ete | SS=k 
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If the temperature is changed from T, to T, and volume changes from V, to 


V,, then , | 
Mie k and ‘23 k 
T, T, 
Me Veo D> we eet ee (2) 
TT, 


The ratio of volume to temperature remains constant for same amount of gas at 


same pressure, 


3.2.5 Experimental Verification of Charles’s Law 
Let us consider a certain amount of a gas enclosed in a cylinder fitted with a 
movable piston. The volume of the gas is V, and its temperature is T,. When the gas in the 


cylinder is heated both volume and the 
temperature of the gas increase. The new 
values of volume and temperature are V, 
and T, respectively Fig(3.6). Experiment 
shows that 

Nel 

T ft 

Hence Charles’s law is verified. 

Example 2 





Piston 


Volume = Vv, 
Bath it T, } 
‘| Volumé= V, 


Wieder =T, 


. s 


Fig. (3.6) Verification of Charles’s law 


250 cm? of hydrogen is cooled from 127°C to -27°C by maintaining ‘the pressure 
constant. Calculate the new volume of the gas at low Pease 


Solution 
Pressure has been kept constant so this gas is obeying the Charles’ slaw. | 
Initial volume(V,) = 250cm’ =0.25dm° ta) aeesttatlh 


Initial temperature (T, ) = 127°C+273K=400K — > 
Final temperature (T,) = -27°C + 273K =246 K $ Ks ; 
Final volume(V,) = ? As a _ Se 
According to Charles? slaw a 
4 i an 
1 25) a oe ae 
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3.2.6 Derivation of Absolofe Zers 


In order to derive absolute zero of temperature, consider the following 
quantitative definition of Charles’s law. 
Atconstant pressure, the volume of the given mass of a gas increases or decreases 





by 3 ofits original volume at 0°C for every 1°C rise or fall in temperature respectively. 


In order to understand the above statement, look at the Table (3.1) of temperature 
volume data of a hypothetical gas. At 0°C the volume of the gas taken is 546 cm’ It is _ 
twice the volume 273cm’, and is being supposed for the sake of convenience of 
understanding. At 273°C, the volume of the gas has doubled (1092 cm’) and it should 
become practically zero at -273°C. The general equation to know the volumes of the gas 
at various temperatures is: 


V,=V, (I+ — ) i... 3 
1— Vo ( 773 ) (3) 
Where V, = volume of gas at temperature T 


V, = Volume of gas at0°C 
t = Temperature on centigrade or celsius scale 


: : | 5 oe 
Ifa gas is warmed by 1°C, it expands by 73 ofits original volume at 0°C. Since 


original volume is 546 cm’, so, for 1°C rise in temperature, 2 cm’ increase in volume will 
take place, 2cm’is the 1/273 of 546 cm’, Similarly, for 100 °Crise in temperature, a change 
of 200 cm’ will take place. The Table (3.1) shows that the volume does not increase 
corresponding to increase in temperature on celsius scale. For example, the increase in 
temperature from10°Cto100 °C, increases the volume from 566 cm’ to 746 cm’. 


Table(3.1) Volume-Temperature data for a given amount of a gas at constant pressure 
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Applying Charles’s law 
Vi 2°, 
Be fe, 
566 746 
10 100 


The two sides of equation are not equal. So, Charles’s law is not being obeyed 
when temperature is measured on the Celsius scale. 

For this reason a new temperature scale has been developed. It starts from 273°C 
(more precisely -273.16°C) which is called zero Kelvin or zero absolute. Let us now 
explain how the new temperature scale has been developed. The best way is to plot a 
graph between the variables of Charles’s law. 


Graphical Explanation 

If we plot a graph between temperature on x-axis and the volume of one mole of 
an ideal gas on y-axis, we get a straight line 
which cuts the temperature axis at -273.16°C. 
This can be possible only if we extrapolate 
the graph upto -273.16 °C. This temperature 
is the lowest possible temperature, which 
would have been achieved if the substance 
remains in the gaseous state Fig_(3.7). 
Actually, all the gases are converted into 
liquids above this temperature. 

Charles’s law is obeyed when the 
temperature is taken on the Kelvin scale. For 
example, at 283 K (10°C) the volume is 
566 cm’, while at 373.K (100°C) the volume _—_—«*Fig: G7) The graph between volume 
is,746 cm’ Table (3.1). According, to. and temperature for 8. gas ScSOruine aD a: 
Charles’s law. ies: 5 





ei RS 


566 746 _ ree Sa ee . 
—— = —=2=k Teak (Ob Pete mytlevuyr iiss Slt gwieks aa 
283 373 


Greater the mass of gas taken, greater will be the slope of'traight line The reason is 








temperature of -273.16 °C will be attained aicadanclians eta 
_ gas the zero volume is impossible which shows that this temperature eee 
areal gas. This is how we TN Chistes ane et 
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3.2.7 Scales of Thermometry 
There are three scales of thermometry which are used for temperature 

Measurements. . 

(a) Centigrade Scale: It has a zero mark for the temperature of ice at one 
' atmospheric pressure. The mark 100°C indicates the. temperature of boiling 
water at 1 atmospheric pressure. The space between these temperature marks is 

divided into 100 equal parts and each partis 1°C. 

(b) Fahrenheit Scale: The melting point of ice at 1 atmospheric pressure has a mark 
32°F and that of boiling water is 212 °F. Thespace between these temperature 

- marks is divided into 180 equalparts and each partis 1 °F. 

{c) Absolute or Kelvin Scale; The melting Point of. ice at latmospheric 
pressure is 273K. The water boils at 373K or more precisely at 373.16K. 
Temperature on Kelvin scale = Temperature °C + 273.16 
Following relationships pelp us to understand the interconversion of various 

scales of temperatures. 

K=°C + 273.16 


=> fop_ 
=? [F-32] 
$F =2(°C)+32 
3.3 GENERAL GAS EQUATION 


While describing Boyle’s and Charles’s laws, some of the variables are held 
constant during the changes produced in the gases. According to Boyle’s law. 


| Vo ; (when nand T areheldconstant) 
According to Charles's law res 
VaT “Giten’ n'and'P' faroheld natant} 


Itis is a well known fact that volume of the given gas at constant temperature -! 
and pressure is directly proportional to the number of moles (Avogadro’s law). 
Von _ (when PandT areheld constant) 


If we think for a moment that none of the variables are to be kept constant then all 
Ete above three relationships can be joined together. 


| Ee teraete 
e* 


teensy dF oni ote V1 20 






re ite 


Ble, 


re 


ee 


GASES si _Chemistry-XI, 


 PV=nRT pid cotich (4) Om ee ra: 1 ot nig 


The equation (4) is called an ideal gas equation. It is also known: as general § Bas 
equation. This equation shows that if we have any quantity of an ideal gas then the 
product of its pressure and volume is equal to the product of number of moles, general 
gas constant and absolute temperature. This equation is reduced to Boyle’s law, Charles’s 
law and Avogadro’s law, when appropriate variables are held constant. 


PV = nRT, when Tandnareheld constant, PV = k (Boyle'slaw) 
Vv = R5 when Pandnareheld constant, V=kT (Chales's law) 


V= Ra ;when Pand Tareheldconstan, V = = kn (Avogadro' slaw) 


Forone gmnbleot a gas, ae general gas equation is 


PV=RT or a =R 
It means that ratio of PV to T is a constant quantity (molar gas s constant) 
Hence 
PY, _ R PV. _ R 
T, T, 
Therefore, F . 
EN a aa 0) 
T, 4th : 


3.3.1 IdealGasConstantR |. 

The values and units'of R’can be calculated by Avogadro' s principle very easily. 
Its value depends upon the units chosen for pressure, volume and temperature. The 
volume of one mole of an ideal gas at STP (one atmospheric. pressure. and 273.16 K ) is 
22.414 dm’. rage these values in the ee gas ag will give the value of R. 


~ 035 B 1 OFS : SLRS Mera IG vr IEEE ES FEET Crt Shee 8S r 


ae their values, alongwith units ' ; > 
a latm x 22.414dm’ . toil) | : hivsiga yor , 







. lmole x 273. 16K. ¥ heorvyes Wee 264) Jas 20 (ai8 fe 
Re 0.0821dm? atmK” mot"! mt ~ 


When the pressure is in atmospheres, volume ie be the ee Q of R, used 
should be0.0821dm?atmK"'mol! .. 5 * a 
The physical meaning of this value is that, itwel ite O fan ide: 
ihhey of Uavoiqaia od vait tat tenses sey age he 
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273.16 K and one atmospheric pressure and its temperature is increased by | K, then it 
will absorb 0.0821 dm’-atm of energy, dm’ -atm is the unit of energy in this situation. 
Hence, the value of R is a universal parameter for all the gases. It tells us that the 


Avogadro’s number of molecules of all the ideal gases have the same demand of energy, 


Ifthe pressure is expressed i inmm of mercury or torr and the volume of the gas incm’ then 


_ values of R are, 


R= 0.0821 dm’ atm K" mol” 
= 0.0821 x 760 dm’ mmHgK" mo!’ 
= 62,4dm’mmHgK"' mol" Since, (1 mmo fHg=1 torr) 
= 62.4dm’ torrK" mol!" 

_ = 62400cm*torrK"' mol’ As,(1dm’=1000cm’) 

Using SI units of pressure, volume and temperature in the general equation, the 
value of R is calculated as follows. The SI units of pressure are Nm~ and of volume are 
m’, By using Avogadro’s principle 

1 atm=760 torr=101325Nm~ 
1m*=1000 dm’ 
n=1 mole 
T=273.16K 
P=1atm=101325 Nm” 
V=22.414 dm’ =0.022414 m’ 


Putting their values, along with units. 
pe PW _ 101325Nm* x 0.02241m* 
nT 1mol x 273.16K 


_ R=83143NmK"' mol” =8.3143)K~ mol’ (Nm = : J) 
Since’ lcal. = 4.18] 
Plt nr teo1sS. 
ee ers es 
Rear rena dither where vexthe prearuréie givens Nun” and the volumeinm’, 
then the valueof R used must be8.3143JK~ mol" 


3.3.2 Density ofan ideal Gas 


=]. 989calK- mol’ 


For calculating the density of an ideal gas, we substitute the value of number of 


moles (n) of the gas in terms ie et tacmiess (M4) ofthe gas. 


no =— J rape : Pe 
M roe =i ’ 
bos Mw 3 Siiey mr “ly. {ft m. Wiiiiet - ae fy! epuriy* 


PV= —RT seupenert ap (6). mio: 1 dicen 
Re Mil Tats ge aetna arth = $2 s : ti . 


, o. =) 4" oo Te 
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ging equation (6! 


the mass ofa gas whose P, T, V and molar mass are known. Rearrz 





=e 
PM = > RT 
PV = dRT (d= - 
PM 
d= Saas 


Hence the density of an ideal gas is directly proportional to its molar mass. 
Greater the pressure on the gas, closer will be the molecules and greater the density. 
Higher temperature makes the gases expand, hence density falls with the increase in 
temperature. With the help of equation (7), one can calculate the relative molar mass (M) 
of an ideal gas ifits temperature, pressure and density are known. 


Example 3 

A sample of nitrogen gas is enclosed in a vessel of volume 380 cm’ at 120°C and 
pressure of 101325 Nm” .This gas is transferred to a 10 dm’ flask and cooled to 27°C. 
Calculate the pressure in Nm” exerted by the gas at27°C. 
Solution 

All the three parameters of this gas have been changed, so we can solve this 
problem by using the general gas equation of the form: 









PV, AUPSV5 
nT pau CS 
Preferably, convert the volume to dm’ and temperature to Kelvin scale. 
Initial volume ofthe gas(V,) = 380cm’ = 0.38dm’ 
Initial temperature (T,) = 120°C+273K = 393K 
Initial pressure (P,) =~ 101325Nm™™: 3h 
Final temperature (T,) = §27°C+273K © = 300K 
Final volume (V,) = 10dm’ the 4 
Final pressure (P,) =? 
EV, = BN 
YT Tf, 
p= BM vi i SE, um : 
4h NE | 
P: _ 101325Nm-?  0.38dm? 300K | = 7 °O.s “ 
4 393Kxl0dm> a 
= [2938.4Nm* Answers) \-01.. 01g) sleet? SET 
Example4 ~ fon TY A SOO eae ogo ee 





— Ss 


Calculate the dentty of CH, () at0°Ca and 1 amor ic 
sp— 
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(@)temperature is increased to 27 °C, (b) the pressure is increased 







Temperatureofthegas = 0°C + 273K = 273K, 
Pressure of the gas = latm 
Molecularmass ofthe gas = 16gmol’ 
__, Gasconstant(R) . . = 0.0821 dm’ atm K-'mot" 
stant paraula for ceasityots gas een) pate aod Onesie 
s SAB oro ifué eq ae PM : 
* Pingo ie RD | Dah 
ples latm x 16gmol 
0.082 1dm* atm K™' mol"! 273K 
'.. Simplifyingtheunits ae 
Vee OP Biter fer Fe, jolt x 
d= “(0821x273 ® 
d = |0.7138gdm*|Answer 


Prt + Temeans that under the given eeoditions 1 dm’ of.CH, gas has a mass of 0.7138 g. 
(a) Density at27°C 7 t met 
' Temperature = 27 + 273 =300K 
Putting values in the en of density and lat the units. 


evade Ty 
“ Ar PM ~ latmx16gmol™ 
Rt tO) .0821dm’ atmK™ mol x 300K 
So, by i jets ities temperature from 0°C to 27°C the. fensity of gas has 
decreased from 0.7138 g dm” to 0.649.g dm”. The i increase in SPRRERARE, makes the 
molecules NESS move away from each other. 


(b) Density y at2 atmospheric pressure and 0°C 


=0. 649 gdm 


Aes TETSI0" + 273 = WSK PE yy 5 





P= 2atm 
Pu vine pine thetunits. 
ee Ok 
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Example5 


Calculate the mass of 1 dm’ of NH, gas at 30 °C and 1000 mm Hg pressure, 
considering that NH, is behaving ideally. 


Solution 
1000 
Pressure of the gas = 1000mmHg = TED, =1.315atm 
Volume of the gas = 1dm’ 
Temerature of the gas = 30°C + 273K =303K 
Molecular massof thegas = 17gmol" 


Generalgasequation PV = a Ri canbeused to calculate the mass (m) of the gas. 


Rearrangin m = EY 
ging RT 
Putting values along with units - 


1,315atm x 1dm? x 17gmol" 


Mass of NH, = PPR ees eS fee 
0.0821dm° atmK™ mol” x 303K 
Simpliying the units ae: 
Massof NH, = EkiSiee 0.89 g| Answer 


0.0821 x 303 


This is the mass of 1 dm’ of NH, under the given conditions. In other words, it is 
the density of NH,, ifit is acting as an ideal gas. 


3.4. AVOGADRO’S LAW 


According to this law, “equal volumes of all ideal gases at the same temperature 
and pressure contain equal number of molecules”, This statement is indirectly the same 
as has been used for evaluating the general gas constant R,i.e., one mole of an ideal gas at 
273,16K and one atm pressure has a volume of 22.414 dm’. Since one mole of a gas has 
Avogadro’s number of particles, so 22.414 dm’ of various ideal gases at S T.P will have 
Avogadro’s number of molecules, i.e.,6.02.x 10”. 

22.414 dm’ of a gas at'273.16 K and one atmospheric pressure has number of 
molecules = 6.02 x 10”. In other words, if we have one dm’ of each of H,, He, N,, O,, 
and CO in separate vessels at STP, then the number of molecules in each will be 
2.68x 10” This is obtained by dividing 6.02 x 10” with 22.414. dm’. 

Similarly, when the temperature or pressure are equally changed for these four 5 


gases, then the new equal volumes, i.e:, 1dm’ each will have the same eauenes = 
ieee 


molecules, i.e., 2.68 x 10”. . 2n4i (lone eitaae al rue 
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- __ Nodoubt, one dm’ of H, at STP weighs approximately 0.0899 grams and one dm’ 
of O, at STP weighs 1.4384 g, but their numbers of molecules are the same. Although, 
oxygen molecule is 16 times heavier than hydrogen, but this does not disturb the volume 
occupied, because molecules of the gases are widely separated from each other at STP. 
One molecule is approximately at a distance of 300 times its own diameter from its 
neighbour atroom temperature. 


3.55 DALTON’S LAW OF PARTIAL PRESSURES 


John Dalton studied the mixtures of gases and gave his law of partial pressures. 
According to this law, the total pressure exerted by a mixture of non-reacting gases is equal 
{6 the sum of their individual partial pressures. Let the gases designated as 1, 2, 3, and their 
partial pressures p,, p., p;. The total pressure (P,) of the mixture of gases is given by 

= =p,+ P2 + Ps: 

The partial pressure of a gas in a mixture of gases is the pressure that it would 
exert on the walls of the container, if it were present all alone in that same volume under 
the same temperature. Let us have four cylinders of same volume, i.e., 10 dm’ each and 
three gases H,, CH, and O, are separately enclosed in first three of them at the same 
temperature. Let their partial pressures be 400 torr, 500 torr and 100 torr respectively. All 
these gases are transferred to a fourth cylinder of capacity 10 dm’ at the same 
vanes A According to Dalton’s law of partial pressure 

P.= Pa, + Pou, + Po, = (400'+ 500 + 100) torr 
P, = 1000 torr 


These three non-reacting gases are behaving independently under the normal 
conditions. The rapidly moving molecules of each gas in a mixture have equal 
opportunities to collide with the walls of the container. Hence, each gas exerts a pressure 
independent of the pressure of other gases. The total pressure is the result of total number 
of collisions per unit area in a given time. Molecules of each gas move independently, so 
‘the general gas: ea Cie DRT ) can be applied to the individual gases in the 


RT 


ike V= RT = — 
1 us ttle Py i 7H - Pu, . Mh V Py, Ve aa 
oh HK Be i iy : iva 
pape Ate “RT : 
af tw dots Poy ¥ sh q =Dou, v Pou, ¥ © Ncu, 
ae) ae 'Po,¥ = Do RT {Les ue =n, ‘RT : Ven 
° "Vy Po, 0, 


fs Owen) Quek a4 ae z A oF thea, Ls 
BE. = isaconstant factor foreach gas, 
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All these gases have their own partial pressures. Since volumes and temperatures 
are the same, so their number of moles will be different and will be directly proportional 
to their partial pressures. 


Adding these three equations 
P.=Py, * Pou, + Po, 


RT 
P, = (Oy, + Oey, + no 
RT 


P= Ley wheren, = Ny, + Dcy, + Do, 


PV c= Rip eas (8) 


According to equation (8), the total pressure of the mixture of gases denena 
upon the total number of moles of the gases. 

3.5.1 Calculation of Partial Pressure of a Gas 

The partial pressure of any gas in a mixture of gases can be calculated, provided 
one knows the mass of that gas or its number of moles alongwith the total pressure and 
the total number of moles present in the mixture. 

In order to have a relationship, let us suppose that we have a mixture of gas A and 
gas B. This mixture is enclosed in a container having volume (V). The total pressure is 
one atm. The number of moles of the gases A and B are n, and n, respectively. If they are 
maintained at temperature T, then 

PV =aRi....s0cs (equation for the mixture of gases) 
PxV = DART cs: (equation for gas A) 
Pp V = ngRT......0005 (equation for gas B) 


PAV [BART 

PV n,RT 
Pa — 2A OA fER 2 (9) 
Pent cea 

py = MB Stan teas: . (10), _ 

nD; . : ee, 
P, = X,P, Kn paisa 2 “e 
Similarly, - Pp =XpP, ee = ‘ ; de vw. 


Partial pressure of a gas is. fie sole fraction of that gas errs “at. 
pressure of the mixture. Remember. that mole fraction of anyone of th 1e ce 


1985 DT a = 


mixture is less than unity. Moreover, ie sumof: mole Sections Wislye ian nity. oe 





pet 
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There-is a: mixture of: hydromen; helium and masthane occupying a vessel of 
volume 13 dm’ at37°C and pressure of | atmosphere. The masses of H, and He are 0.8 g 
and 0.12 g respectively. Calculate the partial pressures in torr of each gas in the mixture. 


Solution 


Volume of the mixture ofgases = 13dm’ 
Temperature ofthe mixture. = 37+273=310K 
Pressure of the mixture ._ = latm : 
First calculate the total number of moles present in the mixture of gases by 
applying the general gas equation. 

’ Since -. PV = nRT” 
or a oe 

RT 

i Berea coe sa mount and simplifyitig 
n = ___latmx13dm? 134m’ =0.51,. 


0: 0821dm* atm K™ mol” x 310K 
Tacha total auimber of moles of H, ,HeandCH, = 0.51 moles. 


Massof H, =0.8g - 
Numberof molesofH, . = MassofHa _ _0.88 _ _ 9 4g 
: molarmass 2.0gmol"' 
Mass of He = 0.12 . 
Number of moles of He a mise OH = CE 0.03 
molarmass 4gmol" 
Number of moles of CH, = totalmoles'~ moles of H, - molesof He 
= 0,51 - 0.396 - 0.03 
= 0.084 


no.of moles of H 0.40 
Mole fraction of H. ees Cm | (784 
. i ote, ) __ totalnumberofmoles _ 0.51 
‘ | f moles of He 0.03 
Mole fraction of H SE ee 1501058 
: Snot HAs) totalnumberofmoles 0.51 
Spb mit esi Heele Stivers oes Yds 6 thu! f moles of CH 0.084 ye 
.. Molefraction of CH ee eee me 0.164 
= oo «Keay )= total numberof moles 0.51 
yi it 
" (Being ratio: moleffaction heeneanite ) 
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Partial pressureofH,(P,,) = X,,P 
= 0.776 x 1.00 = 0.776 atm 
= 0.776 x 760 = 589.76 torr 
> a 
= 0.058 x 1.00 = 0.058 atm 
= 0,058 x 760 = 44.08 torr 
Partial pressureof CH,(Py,,) = Xcu,P 
= 0.164 x 1.00 = 0.164 atm 


= 0.164 x 760 = |124.64mm of Hg} Answer 


The sum of individual pressures,i.e.,589.76, 44.08 and 124.64 is alrriogt 760mm 


Partial pressure of He(P,,.) 


of Hg, i.e. total pressure of the mixture. 


3.5.2 Applications of Dalton’s Law of Partial Pressures 


ig 


_Following are the four important applications of Dalton’s Law of partial pressures. 


Some gases are collected over water in the laboratory. The gas during collection 
gathers water vapours and becomes moist. The pressure exerted by this moist gas 
is, therefore, the sum of the partial pressures of the dry gas and that of water 
vapours. The partial pressure exerted by the water vapours is called aqueous 
tension. 
Pager =P, + Paap 

Py = ., taqueous tension 

P,, = Prox aqueous tension 

While solving the numericals the aqueous tension is subtracted from the total 
pressure (P,,,;,.)- 

Dalton's law finds its apphcanons during the process of respiration. The, process 


_of respiration depends upon the difference in partial pressures. When animals 


inhale alr then « oxygen moves. into lungs as the partial pressure. of oxygen in the 
air is 159 torr,,while the partial pressure of oxygen in the lungs116 torr. co, 
produced during respiration moves out in the opposite direction, as it's partial 
pressure is more in the lungs than that in air. 

At higher altitudes, the pilots feel uncomfortable breathing because the partial 


pressure of oxygen ‘in thé un-pressurized-cabin is low, as sone to 159 torr, 


where one feels comfortable breathing. money “ay 
Deep sea divers take oxygen mixed with an inert gas say onal tees 


partial pressure of oxygen according to the requirement. / Actually, i in see after 


every 100 feet depth, the diver experiences approximately 3 atm pressure, so 


normal air cannot be breathed in depth of sea. Moreover, thi epee at of. 'N, 


increases in depth of sea and it diffuses in the blood.” wali Leite 
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3.6 DIFFUSION AND EFFUSION 


Diffusion 


According to the kinetic molecular theory of gases, the molecules of the gases 
move haphazardly. They collide among themselves, collide with the walls of the vessel 
and change their directions. In other words the molecules of gases are scattered after 
collisions. This spontaneous intermingling of molecules of one gas with another at a 
given temperature and pressure is called diffusion. 

The spreading of fragrance of a 
rose or a scent.is due to diffusion. When == 
two gases diffuse into each other, they 
tend to make their partial pressures same 
every where. Suppose NO,, a brown §-:¥37,° 
coloured gas and O,, a colourless gas, are F<":;--: 
separated from each other by a partition f-..*:::; 
Fig (3.8).When the partition is removed, : 
both diffuse into each other due to . Fig (3.8) Diffusion 
collisions and random motion. : 


__ Asstage reaches when both gases generate a homogeneous mixture and partial 
pressures of both are uniform throughout the mixture. 


Effusion 





The effusion of a gas is it's movement 
through an extremely small opening of molecular 
size into a region of low pressure. This spreading 
‘of molecules is not due to collisions, but due to 
their tendency to escape one by one. In fact, the 
molecules of a gas keep on colliding with the 
walls of the vessel. When a molecule approaches goo; 

just in front of the opening it enters the other Fig (3.9) Escape of gas. 

portion of the vessel. This type of escape of molecules through a hole Is effusion. 
molectlesis called of effusion Fig(3.9). 

3.6.1 Graham's Law of Diffusion 


Thomas Graham (1805 -1869), an English scientist, found that the rate of diffusion 
Se ees ev zeny Proporioual othe square root. of its density at constant 
temperature and pressure. 


- Rateof diffusion o 7 (at constant temperature and pressure) 


Rateof diffusion = 
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Rateof diffusion x /d =k 
or Rate x Jd =k 
The constant k is same for all gases, when they are all studied at the same 
temperature and pressure. 


Letus have two gases | and 2, having rates of diffusion as r, and r, and densities as 
d,and d, respectively. 


According to Graham's law 
d =k 
x Ja, =k 
Divide the two equations and rearrange. 
14a) (11) 
m 4d, 


Since the density of a given gas is directly proportional to its molecular mass. 
Graham’s law of diffusion can also be written as follows. 


is a we (12) 
5h M, 
Where M, and M, are the molar masses of gases. 
Demonstration of Graham’s Law 


This law can also be very easily renal in the laboratory) by poting! the rates of 
diffusion of two gases in a glass tube, when they are allowed to move from opposite ends 
Fig (3.10). Two cotton plugs soaked in HC] and NH; solutions are introduced in the open. 





ends of 100:cm long tube ‘simultaneously. HCI molecules travel a distance of 40.5 cm 


while NH; molecules cover 59.5 cm: in the same duration. They produce dense white 
fumes of ammonium chloride at the point ofj junction; So, Jvqatius Koel ait og 


Oe RE Age 2 “ut Moe ease sepganetinih 
- ise Mua =) rl vee whee ae Pere eet tate? 


AUS rips Ses " 


THe Muu, | errs ay eat SSR ace 
ELE TRRLEW ebm sitaticaa 
40.5 : . 


1.46 ars ot sgpadu bas Temata svi ollew od 7. 

Hencethelawiis verified, 5) OF wb at 2p aye betes abet ont 
| HEN) satire my ee Neyo epee: 

at he a saa 

nbliGad ea ian an 

Sti ie) ARS cud 








~ 


{svorn des Doeslovakensdy ath "3 
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Example7 
250 cm’ of the sample of hydrogen effuses four times as rapidly as 250 cm’ of an 
unknown gas. calulats the molar mass of unknown gas. 


Solution 
Letthe unknown gas be given the symbol X 
Rate of effusion ofunknown gas(r,) = 1 
Rate of effusion ofhydrogen gas (r,,,.) = 4 








Molar mass of H, gas (M,,,) = 2gmol' 
Molar mass of unknown gas (M,) =? 
Th. My 
i, M,,, 
n= WB 
1 2 
Taking square on bothsides 
Mie 20 
2 1 


or M, = 16x 2=|32gmol™|Answer 


3.7 KINETIC MOLECULAR THEORY OF GASES 


The behaviour of gases has already been discussed in gas laws. These laws were 
based on experimental observations quite independent of the nature of a gas. In order to 
illustrate the behaviour of gases quantitatively, Bernoulli (1738) put forward kinetic 
molecular theory of gases. This theory led Clausius (1857) to derive the kinetic equation 
and deduce all'the gas laws from it. The theory was later on elaborated and extended by. 
Maxwell, who gave the law of distribution of velocities. According to this law, molecules 
are in the form of groups having definite velocity ranges: Boltzmann also and studied the 
distribution of energies among the gas molecules. Among some other names van der 
Waal is the prominent scientist in this field. Following are the fundamental postulates of 
this kinetic theory of gases. 

1. Every gas consists of a large number of very small particles called molecules. 
Gases like He, Ne, Ar have monoatomic molecules. 
The molecules ofa gas move haphazardly, colliding among themselves and with 
the walls of the container and change their directions. 
The pressure exerted by a gas is due to the collisions of its molecules with the 
walls of a container. The collisions among the molecules are perfectly elastic. 
The molecules of a gas: are widely Separated: fron one. another and there are 
sufficient empty them. - 
The molecules ofa gas have no forces of: attraction for each other. 

_ Theactual volume of molecules of a gas 5 negligible as compared to the volume 
of the gas. tide Ti he 


Se OPS 


ee a 
num 
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di The motion imparted to the molecules oF gravity is negligible as compared to the 
effect of the continued collisions between them. 

8. The average kinetic energy of the gas molecules varies directly as the absolute 
temperature of the gas. 


Keeping in view the basic assumptions given above, R.J Clausius deduced an 
expression for the pressure of an ideal gas. The molecules move and collide among 
themselves and with the walls of the container. Due to these collisions, a force is exerted 
on the walls of the container. This force when divided by the area of the vessel gives force 
per unit area, which is called pressure. In this way, the final form of the kinetic equation is 
as follows. 

PV= me} ere (13) 


Where, 
P =pressure 
V=volume 
m= mass of one molecule of the gas 
N=number of molecules of gas in the vessel 
c2 =mean square velocity 
The idea of the mean square velocity is important. All the molecules of a gas 
under the given conditions don’t have the same velocities. Rather different velocities are 
distributed among the molecules. To understand it study Maxwell’s law of distribution of 
velocities. If there are n, molecules with velocity c,, n,; molecules with velocity c,, and so 


on then, 


= Cpeste Com ctiCsct iat sen 
GF wm Settee ree oe (14) 
n; +n, +01, +....... 


In this referencen,+n,+n,....... =N 
c’is the average of the.squares of all the possible:velocities. When we take the 
square root of this c”, thenitis called rootmean square velocity (C,,.)- So, (Ca) = Vex 


The expression for the root mean square velocity deduced from the kinetic 
eanation is written as follows. } Itenes 


G) -Naltoy SRT eC Org Hel 18 et DI} yan 


yest £4 : 


ms M et at ‘ ve bs 
Where, C;,, = rootmean square velocity : 
M = molarmass of the gas. Hiss riz ‘y sorbate ivy? . 


T = temperature 
This equation(15) is a quantitative relationship between the absolute temperature 


and the velocities of the gas molecules. Aecortiag ‘to this equation, =e 
temperature ofa cae velocities. %) 
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+ Kinetic equation can be used to explain gas laws. 
3.7.1 Explanation of Gas Laws from Kinetic Theory of Gases 
ages theory of gases gives birth to kinetic equation of gases, which can be 
-m loyed to Justify the gas laws. In other words, it proves that gas laws get their 
explana anation from kinetic theory of gases 
'(@s Boyle’ s Law 
_.. According to one of the postulates of kinetic theory offer gases, the kinetic energy is 
directly proportional to the absolute temperature of the gas. The kinetic energy of N 


molecules is—-mNe* ; 
So = mNe” a T 
sme” SAT eacicsen (16) 
Wherekis ie probes onality constant. According to the kinetic equation of gases 
a . ‘* ele 1 7 -- 2 5 
Sees tae pyc? 
Tere phepstintys!. 3¢ ‘! 3 14 © 
} inp ottiolyarigentiaividiigby20n right handside 
aa a rn a = 
bi 3 (GmNe* ) (i) 
| Putting equation (16) intoequation (17). 
ental Alt 0 1H Pv=lir ery Herbs sors: (18) 


eset rn steoegaon04 cs kT 









(whichis Boyle's law) 
nstant t temperature and at fixed number of sfimoles, the product PV is a 


vit ns Wal dee 


tio ih intoendve 
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Atconstant pressure, <4 = k" (anewconstant) 

Therefore, V=k"T 

or = k" (whichis Charles'slaw) 
(c) Avogadro’s Law 


Consider two gases | and 2 at the same pressure P and having the same volume V. 
Their number of molecules are N, and N, , masses of molecules are m, and m, and mean square 


velocities are c? and c}, respectively. Their kinetic equations can be written as follows: 
PV = smNioy for gas(1) 
PV = zmaNoc7 for gas (2) 

LiaN,e = zmNz0? 


3 
Hence m,N,c; = m,N,¢2 seasttheet (19) 


Equalizing 


When the temperature of both gases is the same, their mean kinetic energies per 
molecule will also be same, so 


or M,C, =m,C2) werent (20) 


Divide equation (19) by (20) 
N,=N, 
Hence equal volumes of all the gases at the same. temperatire oe pee 
contain equal number of molecules, which is Avogadro’s law. — * 







(d) Graham‘s Lawof Diffusion ; Sn SOS SUT SHY 7 
Applying the kinetic equation : 

1 a a) wilt WH yy ero “ly , = 

ibeltaice segs 3) x be taasy. ‘ 


If we take one mole of a gas IP Ra S number teen ) 
neahecquien( Salil Ma ae pee “ 
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or PV = Mo! (M=mN,) cssesa (21) 
where Mis the molecular mass of the gas 
or p Vee 
M 
Taking square root 


fer & BEN 
M 

Py le [oe = Pe (M=a| 
M/V d V 


'V' is the molar volume of gas at given conditions. Since the root mean square 
velocity of the gas is proportional to the rate of diffusion of the gas. 


Vo? or 


3P 
So ro 122 


Atconstant pressure 


refi 
d 


whichis Graham's law of diffusion 
3.8 KINETICINTERPRETATION OFTEMPERATURE 
According to kinetic molecular theory of gases the molecules of a gas move 
_,..  tandomly. They collide among themselves, with the walls of the vessels and change their 
directions. The collisions are elastic and the pressure of the gas is the result of these 
collisions with the walls of the container. 
Letus rewrite the kinetic equation of gases (13) as already mentioned 


PV= sme’ Ateid (13) 


Here mis the mass 0 fone molecule of the gas, N is the number of molecules in the 
vessel and ¢* is their mean square velocity. The average kinetic energy associated with 
____ onemolecule ofa gas due to its translational motion is given by the following equation. 


E, = me” ng & a (22) 
Remember that E, is the average translational kinetic energy of gas molecules., 
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Equation (13) can be rewritten as: 


Putting equation (22) into (23) 
So PV = =NE, dha (24) 


Equation(24) gives an important insight into the meaning of temperature. To 
understand it, consider one mole ofa gas. 


N=N, 


PV= SN, Emngeetr st (25) 


According to the general gas equation for moleof a gas 
PV=RT 
Comparing equation (4) and (25) 
=N,E, =Risteletee (26) 


3R 
2N, 





E, == Te (27) 

The equation (27) gives a new definition of temperature according to. which the 
kelvin temperature of a gas is directly proportional to the average translational kinetic 
energy of its molecules. This suggests that a change in temperature means change in the 
intensity of molecular motion. When heat flows from one body to another, the molecules 
in the hotter body give up some of their kinetic energy through collisions to molecules in 
the colder body. This process of flow of heat continues until the average translational 
kinetic energies of all the molecules become equal. This equalises the temperature of 
both bodies. 

In gases and liquids, temperature is the measure of average translational kinetic 
energies of molecules. In solids, where molecules cannot move freely temperature 
becomes a measure of vibrational kinetic energy. — 

Keeping in view this kinetic interpretation of temperature, we have! a way of 
looking at absolute zero of temperature. It is that temperature at-which the molecular 


motions cease. The absolute zero is unattainable. Anyhow, current attempts haye = 
resulted in temperature as low as 10°K. eae et ay ae ; 
3.9 LIQUEFACTION OFGASES — oer none -j|svet. rep eves : 






3.9.1 General Principle of Liquefaction ee 


The conversion of a gas into a liquid requires high pressure and low. re 
pressure brings the molecules of a gas close to yeas other, Low. temper fe ae ae 


ae 
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——e— 











GASES Chemistry-XI 





molecules from kinetic energy. As a result, attractive force start dominating converting 
the gas into liquid. 

For every gas there exists a temperature above which the gas cannot be liquefied, 
no matter how much pressure is applied. The highest temperature at which a substance 
can exist as a liquid, is called its critical temperature (T.). There is a corresponding 
pressure which is required to bring about liquefaction at this critical temperature (T.). 
This is called critical pressure (P.). 

The critical temperature and the critical pressure of the substances are very 


“important for the workers dealing with the gases. These properties provide us the 


information about the condition under which gases liquefy. For example, O, has a critical 
temperature 154.4 K (-118.75 °C). It must be cooled below this temperature before it can 
be liquefied by applying high pressure. Ammonia is a polar gas. Its critical temperature is 
405.6 K (132.44 °C), so it can be liquefied by applying sufficient pressure close to room 
temperature. 

Table (3.2) shows the critical parameters of some common substances. Non- 
polar gases of low polarizability like Ar have a very low critical temperature. The 
substances like H,O vapours and NH, gas are among the polar gases and they have better 
tendencies to be liquefied CO., can not be liquefied above 31.1 °C, no matter how much 
the pressure is applied. Anyhow, if temperature of CO, is maintained below 31.1 °C, then 
lower pressure than critical pressure is required to liquefy it. The value of the critical 
temperature ofa gas depends upon its size, shape and intermolecular forces present in it. 

When a gas is measured at its critical temperature and critical pressure, then at 
that stage volume of 1 mole of gas is called critical volume which i is represented by V.. 


The'critical: volume of O, is 74.42 cm’ mol”, of CO, , is 95:65 cm’ mol" and that of H, is 


64.51 cm ots 


Table @2) Critical Temperatures and Critical Pressures 
__ of Some Substances 


| Gita Temperature 7.00 

647.6 (374.44 °C) 

a, N 405.6 (132.44 °C) 
CCIE, 1 384.7 at1.54 °c) 

ide, de, OC CF eae | 3043 Gl.] 142 °C) 


1509 izza6 °C) 
- (-147.06 °C). af 


tor ee ge a= + 


eS “t : 
pe ae a Ee : 
Gat gas . One of them is Linde's method. It is 
Fi SN 0 eae 
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The molecules of the compressed gas are very close to each other and appreciable 
attractive forces are present among them. When a gas is allowed to undergo sudden 
expansion through the nozzle of a jet, then the molecules move apart. In this way energy 
is needed to overcome the intermolecular attractions. This energy is taken from the gas 
itself, which is cooled. 


Linde’s Method of Liquefaction of Gases 


Linde has employed Joule-Thomson effect as the basis for liquefaction. The 
apparatus designed for this purpose is shown in the Fig (3.11). 

For the liquefaction of air, it is compressed Refrigerating liquid 
to about 200 atmospheres, and then passed though a Conpreesad 
water cooled pipe where the heat of compression is ~ 
removed. It is then allowed to pass through a spiral 
pipe having a jet at the end. When the air comes out 
of the jet the expansion takes place from 200 atm. to 
1 atm. In this way, considerable fall of temperature 
occurs. This cooled air goes up and cools the 
incoming compressed air. It returns to the 
compression pump. This process is repeated again Fig. (3.11) Linde’s method for 
and again. The liquid air is collected at the bottom of the liquefactioniof air 
the expansion chamber. All gases except hydrogen, and helium can be liquefied by the 
above procedure. 
3.10 NON-IDEAL BEHAVIOUR OF GASES 


Whenever, we discuss gas laws it is proposed that ideal gases obey them. . 
Particularly an ideal gas obeys Boyle's law, Charles's law and the general gas equation 


Spiral Tube 





under all conditions of temperature and pressure. Let us try to understand the behaviour 
of a few real gases like H,, He, N, and CO, at °C. keeping in view the variation of the 
pressure on the gas and consequently the change in its volume. For this purpose, first of 


PV 
all plot a graph between pressure on x-axis and the aT ORT O2 Y-axis for: an ideal gas. The 


factor i is called the compressibility factor. Its value is unl unde al ono for 
n. 
an ideal, gas. Since the increase of pressure 
uEVe 
1 nRT 
remains cofistant at a constant temperature, so a 
straight line is obtained parallel to the pressure axis. ' 
This is shown in the Figs (3.12 a, b). All the real 
gases have been found to shy mates cals yn So 











decreases the volume in such a way that 
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dotted line to some extent but goes above this line 
at very high pressures. It means that at very high 
pressure the decrease in volume is not according to 


general gas equation and the value offs ~ has 


increased from the expected values. With ie type 
of behaviour, we would say that the gas is non-ideal. 





In the case of H, the deviation starts even 0 200. 400 600 800 1000 
at low pressure in comparison to He. N, shows a A ee 
PV Fi : 
. - os g (3.12 b) Non-ideal behaviour 
decrease in RT value at the beginning and shows of gases at 100 °C 


marked deviation even at low pressure than H,. CO, 
has a very strange behaviour as it is evident from the graph. 

The extent of deviation of these four gases shows that these gases have their.own 
limitations for obeying general gas equation. It depends upon the nature of the gas at 
which value of pressure, it will start disobeying. 

When we study the behaviour of all these four gases at elevated temperature i.e., 
100°C then the graphs come closer to the expected straight line and the deviations are 
shifted towards higher pressure. This means that the increase in temperature makes the 
gases ideal Fig (3.12 b). 

This discussion on the basis of experimental observations, convinces us that 

(}) Gases are ideal at low pressure and non-ideal at high pressure 

(ii) Gases are ideal at high temperature and non-ideal at low temperature. 


3.10.1 Causes for Deviations from Ideality 


It was van der Waals (1873) who attributed the deviation of real gases from ideal 
behaviour to two of the eight postulates of kinetic molecular theory of gases. These 
posnilaies are as under. 

(i)  Thereareno forces of attraction among the molecules ofa gas. 
(ii) The ea volume of gas molecules is negligible as compared to the volume of the 

“vesse’ 

When the pressure on a gas is high and the temperature is low then the attractive 
srcee among the molecules become significant, so the ideal gas equation PV=nRT does 
not hold: Under these conditions, the gas does 


MOL ICiiic 


— ae volume of the molecules 
ofa bia ee ery small-as compared to. 


yolum ts aed es pelea 
rt l This vo ume, hi a a 


Pil?) ble when th 
Bugible when the gas 
4 : 
Cal) 







} e 
as is subjected | ° « 
= rie \ 
be unde _: 
r uctual yolume pressure when 


~ these attractive forces are cancelled out. However, when a molecule strikes the wall of a 
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3.10.2 van der Waals Equation for Real Gases 
Keeping in view the above discussion, van der Waals pointed out that both 


' pressure and volume factors in ideal gas equation needed correction in order to make it 


applicable to the real gases. 


Volume Correction 


When a gas is compressed, the molecules are te so close together that the 
repulsive forces operate between them. When pressure is increased further itis opposed by 
the molecules themselves. Actually the molecules have definite volume, no doubt very. 
small as compared to the vessel, but it is not negligible. So van der Waals postulated that the 
actual volume of molecules can no longer be neglected in a highly compressed gas. If the 
effective volume of the molecules per mole of a gas is represented by b, then the volume 
available to gas molecules is the volume of the vessel minus the volume of gas molecules. 

Ves Vcd SO Necssatnced _ (28) 

Vinee 1S that volume which is available to gas molecules. The factor b is termed as 
the excluded volume which is constant and characteristic of a gas. It’s value depends 
upon the size of gas molecules. Table (3.3) shows the b values for some important gases. 
It is interesting to know that the excluded volume b is not equal to the actual volume of 
gas molecules. In fact, itis four times the actual volume of molecules. 

b=4V,, 

WhereV,, is the actual volume of one mole of gas molecules, 'b’ is effective 
volume or excluded volume of one mole of a gas. It is that volume of gas which is 
occupied by] mole of gas molecules in highly compressed state, but not in hs liquid 
State. 


Pressure Correction ie 
A molecule in the interior of a gas is attracted by other molecules on all sides, so j 

























container, it experiences a force of attraction towards the other molecules in the gas. This" 
decreases the force of its impact on the wall. Consider the molecule "A" which is ube | | 
to create pressure on the wall due to the presence of attractive forces s caused by ' y 'B' type 
molecules Fig (3.14). Let the observed pressure on the wall of the aa be P This, 
pressure is less than the actual pressure P,, by an amount P", so 1 
P=P,- -P' pan av oF 
P. is the true kinetic pressure, if the forces of attractions are. absent. P F 
amount of pressure lessened due to attractive forces. Ideal pressure Piis: water A 
P.=P+P’ i * on 
It is suggested that a part of the pressure P for one mole 
intermolecular attractions should decrease as volume incre 
of P'in terms ofa constant'a' which accounts for the att 
vessel can be written as: 


es 
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* - p= = 6 
; v 
How to prove it 


P' is determined by the forces of attraction between molecules of type A, which 
are colliding with the wall of the container and molecules of type B, which are pulling 
them inward. The net force of attraction is proportional to the concentrations of A type 
go B type pelcculcs: 

v : P'xC,.C, 

Letn be the number o f moles o fA and B separately and total volume of both 
SSS os molecules be “V’ .The n/V is moles dm” of A. and B, separately. 

non 


mr fon Pic) — 
V V 


(‘a'isa constant of proportionality) 
If,n=1(onemoleof gas) 


then PPS... (29) 


= Greater the attractive forces among the gas molecules, smaller the volume of 
. pr vessel, greater the value of lessened 
1}: pressure P”. 

- This ‘a’ is called co-efficient of 

bs "attraction or attraction per unit volume. 

_ It has a constant value for a particular 
. Thus effective kinetic pressure: 
f iven by P,, which is the 















Ssstssse » (BO)? Fig (3.14) Forces of attraction 
and pressure correction 


tons for pressure and volume are made, the pinetic equation for 
be constructed by taking pressure as (P + DP and volume as 
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So, a= ENG 
n 
_ atm x (dm*)? A 
(mol)? 
a =atmdm* mol” J Go 
or InS., units, pressureisin Nm~ and volumein m’ 
So} fara 
(mol) 
or a = Nm* mol” 


Units of 'b': b' is excluded or InCOMprEssIvG volume roo of g gas. Hence its 
units should be dm’ mol" or m’ mol!” 

The values of ’a' and 'b' can be deermied by knowing the valves of P, VandT of 
a gaseous system under two different conditions. Following Table (3.3) gives the values 
of'a' and 'b' for some common gases. . 


Table(3.3) van der Waals Constant for Some Common Gases : 




















Hydrogen - 0,0266 



























Oxygen 0,0318 
Nitrogen 0.0391 
Carbon dioxide — 0,0428 4 
Ammonia aru 0.0371 
Sulphur dioxide 2% 0564 
‘0.05622 eds 
Chlorine eee i 


factor. The least value of ‘a ‘for H, erienertel peers ara 

value of H, is 0.0266 dm’ mol”. It means that if 2.016g: (Imole) of H, is take 

occupy 0.0266 dm’ or 266m’ of volume atclosestapproach int sorts 

Example 8 } RaPOH > 
One mole ofmetan gsismaaineds300K Ts volumeis25 Ocm' -Ca alcu 

the pressure exerted by the gas under the. following condit ODS. oe. te, Ecetakl 
(i) when the gasisideal —— <5 ten pres 
(ii) whenthegasisnon-ideal /. [tats PORN AERS 

a=2.253 sain ss — mmol 





Solution 
@ When the ges isidea 


oh = aie! "= 250cm'= as i ro 
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. n=1 mole 
; T=300K 
es R=0.0821 dm’ atm K" mol” 

: nRT 

p= —— 

: Vv. : : 
ipRutting; thevalues alongwith units 


p= ~ Jmol x 0.0821 dm? K* mol x 300K 
+ 0.25dm° 


| eee P = |98.5atm| Answer 


If CH, gas bad. ideal under the given conditions, 98.5 atm pressure would have 
beenexerted. 
= (i) When the gas 1 is Pe ae as non-ideal, we should use the van der 


, deeb oe io 
as ee Peele nb) “= nRT 













te eo a 


B rearranging the equation and taking the passion Le H.S. 








ee ton * arnt } 
HOD p+: = nRT 
EG Vv V—nb 
eas: SRT)! n2a 


ee Vn av? 

thi epibring ve values (ignore the units for sake of simplicity) 

R=0.0821 dm? atm K" mot", 

-T=300 a a= 2.253 ee atm mol”, =b=0.0428 dm’ mol" 
wi shorn»: Gest i 


” wae: 2.253 
0.27 0.0625 
~ 36,048 = 82 85 atm. 
pressure has lessened 7 
= —= e shh 
A a os Bi-tot «. tzne 
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3.11 PLASMASTATE 


Whatis plasma? 

Plasma is often called the “fourth state of matter”, the other three being solid, 
liquid and g as. Plasma was identified by the English scientist William Crookes in 1879. 
In addition to being important in many aspects of our daily life, plasmas are estimated to 
constitute more than 99 percent of the visible universe. Although, naturally occurring 
plasma is rare on earth, there are many man-made examples. Inventors have used plasma 
to conduct electricity in neon signs and fluorescent bulbs. Scientists have constructed 
special chambers to experiment with plasma in laboratories. It occurs only in lightning 
discharges and in artificial devices like fluorescent lights, neon signs, etc. It is 
everywhere in our space environment. 


Howis Plasma formed ? 


When more heat is supplied, the atoms or 
molecules may be ionized. An electron may gain 
enough energy to escape its atom. This atom loses Diatomic molecules. | 
one electron and develops a net positive charge. It STHUNé 
becomes an ion. In a sufficiently heated gas, ae 
ionization happens many times, creating clouds of 
free electrons and ions. However, all the atoms are 
not necessarily ionized, and some of them may 
remain completely intact with no net charge. This 
ionized gas mixture, consisting of ions, electrons 
and neutral atoms is called plasma. _ 7 

___ It means that a plasma is a distinct state of 
matter containing a significant number of ~ 
electrically charged particles a numbersufficient | T aan 
to Oetierst its electrical propenieaes andbehaviour =) Pai If 


Som ¥ MISAY aigors 


2 de true migesteirs a0 
atural and Artificial Plasmas — reas bald <ash 


5 Artificial plasma canbe created by io onization 
low temperatures is hard to maintain because outsi¢ 
reacts rapidly with any molecule it enco\ nters. This 


useful and hard to use. — alazescy aie b 
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vacuums. Natural plasma does not breakdown or react rapidly, but is extremely 


hot (over 20,000°C minimum). Its energy is so high that it vaporizes any material it 


touches. 

Characteristics of Plasma: 

1s A plasma must have sufficient number of charged Particles sO aS a whole, it 
exhibits a collective response to electric and magnetic fields. The motion of the 
particles in the plasma generates fields and electric currents from within plasma 
density. It refers to the density of the charged particles. This complex set of 
interactions makes plasma a unique, fascinating, and complex state of matter. 


2. Although plasma includes electrons and ions and conducts electricity, it is 
macroscopically neutral. In measurable quantities the number of electrons and 
ions are equal. 

Whereis Plasma found ? 


Entire universe is almost in a state of plasma. It existed before any other forms of 
matter came into being. Plasmas are found in everything from the sun to quarks, the 
smallest particles in the universe. 

As stated earlier plasma is the most abundant form of matter in the universe. It is 
the stuff ofstars. A majority of the matter in inner-stellar space is plasma. All the stars that 
shine are all plasma. The sun is a 1.5 million kilometer ball of plasma, heated by nuclear 
fusion. 

On earth it only occurs in a few limited places, like lightning bolts, flames, 
auroras, and fluorescent lights. When an electric current is passed through neon gas, it 
produces both plasma and light. 


_ Applications of Plasma: 


Plasma has numerous important technological applications. It is present in many 
devices. It helps us to understand much of the universe around us. Because plasmas are 
conductive respond to electric and magnetic fields and can be efficient sources of 
tadiation, so they can be used in innumerable applications where such control is needed 
or when special sources of energy or radiation are required. 

(i) A fluorescent light bulb is not like regular light bulbs. Inside the long tube is a 
gas. When the light is turned on, electricity flows through the tube. This 
electricity acts as special energy and charges up the gas. This charging and 
excitation of the atoms create a glowing plasma inside the bulb. 

(ii) Neon signs are glass tubes filled with gas. When they are turned on then the 

"electricity flows through the tube: The electricity charges the gas, possibly neon, 

and creates a plasma inside the tube. The plasma glows with a special colour 

~ depending on what kind of gasis inside. Qe. 

hey find applications such as plasma processing of semiconductors, 


: @)  Meslization ofsome medical products, lamps, lasers, diamond coated films, high 






v 
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power microwave sources and pulsed power switches. 

(iv) | They also provide the foundation for important potential applications such as the 
generation of electrical energy from fusion, pollution control and removal of 
hazardous chemicals. 

(v) Plasma lights up our offices and homes and makes our computers and electronic 
equipment work. 

(vi) They drive lasers and particle accelerators, help to clean up the environment, 
pasteurize foods and make tools corrosion-resistant. 

Future Horizons: 

Scientists are working on putting plasma to effective use. Plasma would have to 
be of low energy and should be able to survive without instantly reacting and 
degenerating. The application of magnetic fields involves the use of plasma. The 
magnetic fields create low energy plasma which further create molecules that are in what 
scientist call a metastable state. The magnetic fields used to create the low temperature 
plasma give the plasma molecules, which do not react until they collide with another 
molecule with just the right energy. This enables these metastable molecules to survive 
long enough to react witha designated molecule. 

These metastable particles are selective in their reactivity. It makes them a - 
potentially unique solution to problems like radioactive contamination. Scientists are 
currently experimenting with mixtures of gases to work as metastable agents on 
plutonium and uranium, and this is just the beginning. 


KEY POINTS 


l. The behaviour of a gas is described through four variables i.e., pressure, volume , 
temperature and its number of moles. The relationships between gas variables are 
known as the simple gas laws. Boyle’s law relates pressure of a gas with its 
volume, while Charles’s law relates gas volume with temperature. Avogadro’s 
law is concerned with volume and amount of a gas. The important concept of - 
absolute zero of temperature originates from the simple gas laws. 

2. By combining the above mentioned three laws, amore general equation about the 
behaviour of gas is obtained i.e., PV =n RT. This equation can be solved for any 
one of the variables when: values of others are known. This equation can be 
modified for the determination of molarmasses and the density of the gas. 

3. Dalton’s law of partial pressures can be used to calculate the patal | pressures of 
gases. 

4. The processes of diffusion and effusion are best understood. wy Gra s law of 

ion. ny woes 

5. Kinetic molecular theory of. gases provides a , theoretical basis for var 
laws. With the help of this theory a rsiationahiDs is establi ed bety 
molecular kinetic energy and kelvin temperature. The diffus ion and d 
the gases can be related to their: waa masses oe 
theory of gases. UP ee ters dor 

6. The real gases show ideal behaviour meee CO 
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non-ideal at high pressure and low temperature. The non-ideal behaviour results 
chiefly from intermolecuiar attractions and the finite volume occupied by the gas 
molecules. ; 
7. Gases can be liquified by applying sufficient pressure but temperature should 
either be critical one or below it. 
8. Tocalculate the pressure or volume of a real gas under the non-ideal conditions, 
alternative kinetic equation has been developed. This is known as the van der 
_ _. Waals’s equation. 
| 9. The plasma, a fourth state of matter, consists of neutral particles, positive ions 
. and negative electrons, 99% of the known universe is in the plasma state. 


| Exercise 
Qi:  Selectthe correct answer out of the following alternative suggestions. 


or. ~ Pressure remaining constant, at which temperature the volume of a gas 
é will become twice of whati it is at 0°C. 





a 546°C —_—b. 200°C c. 546K d. 273K 
: (i) Numberofmolecules in one dm’ of water is close to: 
6.02 12.04 18 


102 " 23 } 23 23 
ee che b Tayi c roby d. 55.6 x 6.02 x10 
oN Which of the following will have the same number of molecules at STP? 
ay i hn tale -280cm’ of CO, and 280 cm’ ofN,O 


“ya ae 


as 
dyna a D> 11.2dm? of O. iene 2E6f0, 















oft ay a is pete and the pressure is reduced to 


i ee four times 
---d._ bedoubled | ; 
ions be changed to prevent the volume of a given 
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(vi) | Themolarvolume of CO, is maximum at: 
a. STP b. 127°Candlatm c. 0°Cand2atm d. 273°C and 2atm 
(vii) Theorder ofthe rate of diffusion of gases NH,, SO,, Cl, an.CO, is: 
a. NH,>SO,>CLCO, b. NH,>CO,>SO,>Cl,. 
b. Cl,>SO,>CO,>NH, d. -NH,>CO;>Cl1,>SO, 
(viii) Equal masses of methane and oxygen are mixed in an empty container at 
25°C. The fraction of total pressure exerted by oxygen is: 
a. u bh = C. ib we 
3 9 9 ‘ 17 
(ix) Gases deviate form ideal behaviour at high ss, pyhict of the 
following is correct for non-ideality? 
a. Athigh pressure, the gas molecules move in one direction only. 
b. At high pressure, the collisions between the gas molecules are increased 
manifold. 
c. Athigh pressure, the volume ofthe gas becomes insignificant. 
d. Athigh pressure, the intermolecular attractions become significant. 
(x) The deviation ofa gas from ideal behaviour is maximum at: 
a. -10°Cand5.0atm. b. »-10°Cand2.0 atm 
c. 100°Cand2.0.atm d. O°Cand2.0atm | 
(xi) Areal gas obeying van derW aals equation will resemble ideal bas: ift 
a. both’a’and’b’are large b. both’a’and’b’are small a5) 
c. ‘a’issmalland ’b’ is large d. ‘a’ is large see *b’issmall 
Q2: Fillin the blanks. wit ; (rad Ses 7 


(i). | TheproductPV has the S:I. unit of i : 
ii). Eight grams each of O,, and H,, at 27 KOH will have wil CE in the ratio of 


(iii). Smell of the cooking gas during leakage from a a gas cylinder is due to the 
property 0f= eee of__ Sek 
iv). ual of ideal gases at the sami € anc 
y conn a umber ofmoleciles. aadeine 
stant e exis ts only aS a ga 
(v). ae et above which a Stra aaa aie only as: 
aN ‘Fe F Ae 
Q3: Label the following sentences as TF eor uae wor oo 
(i). Kinetic energy ofmmolecules ofa iS Z€T0 8 
to tage Gi) ws Agas in a closed container will exert: ch air 
».due to gravity thanatthe top. sc sy 
ee as be 
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Q4. a. 
b. 
Cc. 
d. 
(i) 
Qs. a. 
b. 
c. 
Q6. a. 
b. 
Q7. a. 
b. 
c. 
d. 
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Whatis Boyle’s law of gases? Give its experimental verification. 
What are isotherms? What happens to the positions of isotherms when 
they are plotted at high temperature for a particular gas. 
Why do we get a straight line when pressures exerted on a gas are plotted 
against inverse‘of volumes? This straight line changes its position in the 
gtaph by varying the temperature. Justify it. 
How will you explain that the value of the constant k in the equation 
PV =kdepends upon 
the temperature ofa gas (ii) the quantity ofa gas 
What is the Charles's law? Which scale of temperature is used to verify 
that V/IT=k(pressure and number of moles are constant)? 
Asample of carbon monoxide gas occupies 150.0 mL at 25.0°C. It is then 
cooled at constant pressure until it occupies 100.0 mL. What is the new 
temperature? 

(Ans: 198.8K or -74.4 °C ) 
Do you think that the volume of any quantity of a gas becomes zero at 
— 273.16 °C. Is it not against the law of conservation of mass? How do 
you deduce the idea of absolute zero from this information? 
What is Kelvin scale of temperature? Plot a graph for one mole of ana real 
gas to prove thata gas becomes liquid, earlier than -273.16 °C. 
Throw some light on the factor 1/273 in Charles's law. 
What is the general gas equation? Derive it in various forms. 
Can we determine the molecular mass of an unknown gas if we know the 
pressure, temperature and volume along with the mass of that gas. 
How do you justify from general gas equation that incredse in 
temperature or decrease of pressure decreases the density of the gas? 


‘Why do we feel comfortable in expressing the densities of gases in the 


units of gdm rather than g cm’, a unit which is used to express the 


- densities of liquids and solids. 
8. _ Derive tl the units for gas constant Rin general gas equation: 


when the pressure isin atmosphere and volume’ indm’. 


when the pressure isin Nm” and volume in m’. 


Pad 


when energy is expressed in ergs. 


‘What is Avogadro’s law of gases? 
pike ear 1 mole of H, and 1 mole of NH, at 0 °C and 1 
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Qll. 


Q12. 


Q13. 


Ql4, 


Qis 


QI6 


erin! 


b. Derive an equation to find out the partial pressure of a gas knowing the 
individual moles of component gases and the total pressure of the mixture. 

c. Explain that the process of SADIE? obeys the Dalton’s law of partial 
pressures. 

d. How do you differentints between diffusion and effusion? Explain 
Graham’s law of diffusion. 

a. What is critical temperature of a gas? What is its importance for 
liquefaction of gases? Discuss Linde's method of liquefaction of gases. 

b. What is Joule-Thomson effect? Explain its importance in Linde's method 
of liquefaction of gases. ° 

a. What is kinetic molecular theory of gases? Give its postulates. 

b. How does kinetic molecular theory of gases explain the following gas 
laws: 

(i) Boyle's law (ii) Charles's law 

(iii) | Avogadro's law (iv) Graham’s law of diffusion 

a. Gases show non-ideal behaviour at low temperature and high pressure. 


Explain this with the help ofa graph. 
b. Do you think that some of the postulates of kinetic molecular theory of 
gases are faulty? Point out these postulates. 


G Hydrogen and helium are ideal at room temperature, but SO, , and Cl, are 
non ideal. How will you explain this? 

a. Derive van der Waal's equation for real gases. , ay 

b. What is the physical significance of van der Waals'constants, Hist and *b? 
Give their units. 


Explain the following facts _ 
(i) The plot of PV versus Pis a straight line at pa ae and with, 
afixednumberofmolesofanidealgas. = 
(ii) The straight line in (a) is parallel to pressure-axis anid goed away from the 
pressure axis at higher pressures for many Gee 
(iii) Pressure of NH, gas at given conditic ons (sé 
temperature) is less as calculated b 
calculated by general gas equation. * “i 
(iv) Water vapours donot behave ideally at 
(v). SO,is comparatively non-ideal 
‘Helium gas in a 100:cm* container 
container with a volume o 


meg IT -ifo changeinte fem 
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Ql7 a. What are the densities in kg/dm’ of the following gases at 
STP(P=101325 Nm’, T=273 K, molecular masses are in kg mol" 


(i) methane, (ii) oxygen, (iii) hydrogen 
b. Compare the values of densities in proportion to their mole masses. 
c. How do you justify that increase of volume upto 100 dm’ at 27°C of 2 moles of 


NH, willallow the gas behave ideally, as compared to S.T.P conditions. 
(Ans; CH, = 0.714kgm, O, = 1.428kgm”, H, = 0.089kgm”) 
Q18 Asample of krypton with a volume of 6.25 dm’ , a pressure of 765 torr and a temperature 
of 20 °Cis expanded to a volume of 9.55 dm’ anda pressure of 375 torr. What will be its 
final temperature in °C? (Ans: T=-53.6°C) 
Q19 Working at a vacuum line, a chemist isolated a gas ina weighing bulb with a volume of 
255 cm’, at a temperature of 25 °C and under a pressure in the bulb of 10.0 torr. The gas 


weighed 12.1 mg. What is the molecular mass of this gas? (Ans: 87.93g mol”) 
Q20 What pressure is exerted by a mixture of 2.00g of H, and 8.00g of N, at 273K ina 10 dm’ 
vessel? (Ans: P=2.88 atm) 
Q21. a. The relative densities of two gases A and B are 1:1.5. Find out the volume of B 


which will diffuse in the same time in which 150 dm’ of A will diffuse? 
(Ans: 122.47dm’) 
b. Hydrogen (H,) diffuses through a porous plate at a rate of 500 cm’ per minute at 0 °C. 
What is the rate of diffusion of oxygen through the same porous plate at 0 °C? 
(Ans: 125 cm’) 
Ci The rate of effusion of an unknown gas A through a pinhole is found to be 0.279 
times the rate of effusion of H, gas through the same pinhole. Calculate the 


molecular mass of the unknown gas at STP. (Ans: =25.7 gmol") 
Q22 Calculate the number of molecules and the number of atoms in the given amounts of 
each gas 


(a) 20cm’ of CH, at 0 °C and pressure of 700 mm of mercury 
(Ans: 4.936 x 10”, 24.7 x 10”) 
(b)  1cm’ofNH,at100°Candpressureofl.5atm (Ans:2.94 x10",1.177 x 10”) 
Q23 ~- Calculate the masses of 10” molecules of each of H,, O,, and CO, at STP. What will 
happen to the masses of these gases, when the temperature of these gases are increased 

atby 00? SS Speer tease decreased by 100 torr? 

in i (Ans: 3.3 x 10“g; 5.31 x 10°g; 7.30 x 10°g) 
‘ of NEG are enclosed i ina 5 dm’ flask at 27 °C. Calculate the pressure 


i ‘ Ques. onedby thes 
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(Ans; 9,85 atm) 
amount of pressure lessened ee to forces of attractions at 
y (Ans: 0,51atm) 


th © oftwomoles of NH ving a 
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Chapter 4 


LIQUIDS AND SOLIDS 


The existence of matter in our surrounding in the form of gases, liquids and solids 
is due to difference of interacting forces among the constituent particles. 
4.1 INTERMOLECULAR FORCES 

To understand the properties of liquids and solids, we need to know the kinds of 
intermolecular forces present in them and their relative strength. It is important to realize 
that the attraction between the molecules is much weaker than the attraction between 
atoms within a molecule. Ina molecule of HCl, there is a covalent bond between H and Cl 
which is due to the mutual sharing of electrons. Both atoms satisfy their outermost shells 
and it is their firm need to remain together, hence this linkage is very strong. 

HCl molecules in the neighbourhood attract each other, but the forces of 
attraction are weak. These forces are believed to exist between all kinds of atoms and 
molecules when they are sufficiently close to each other. Such intermolecular forces are 
called van der Waals forces and they have nothing to do with the valence electrons. 

These intermolecular forces bring the molecules close together and give 
particular physical properties to the substances in gaseous, liquid and solid states. Four 
types of such forces are mentioned here. 

1. Dipole-dipole forces 

Zs Ion-dipole forces 

3. Dipole-induced dipole forces 

4, Instantaneous dipole-induced dipole forces or London dispersion forces 


4.1.1 Dipole-dipole Forces > _ oni, 

In case of HCI molecule both atoms differ in electronegativity. Chlorine being 
more electronegative, develops the partial negative charge and hydrogen. ; 
partial positive charge. So, whenever the molecules are clos ; 
line up. The positive end of one molecule attracts the negative end 
and these electrostatic forces of attraction a are cated Uae e-dipc pole fore 
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difference between the bonded atomsandthe (& pe pk ae 

distance between the molecules. The 

distances between molecules in the gaseous cl. cf 

phase are greater so these forces are very ,. AS ‘s ~ 7 AR 5 
- weak in this phase. In liquids these forces are ©C-_H_-C|—_C___H 

reasonably strong. The examples of the vA a 

molecules which show dipole-dipole Cl 


sand Fig (4.1) Dipole - dipole forces present in HC1 
attractions are numerous. Two of these are molecules and chloroform (CHCI,) molecules. 


given below i.e., for HCl and CHCI, (chloroform) Fig (4.1). 

Greater ‘the strength of these dipole-dipole forces, greater are the values of 
thermodynamic parameters like melting points, boiling points, heats of vapourization 
and heats of sublimation. 


4.1.2 Dipole-induced Dipole Forces 
(gametes. we have a mixture of substances containing polar and non-polar 
i 34 tho lea les. The positive end of the polar molecule attracts the mobile electrons of the 
\ “te eagby npn-polar molecule. In this way Pa is induced in non-polar molecule, and 
. Nes molecules become dipoles. These | 
! “for ‘ate called dipole-induced dipole amie 
forces or as Debye forces. The following > @ i Ce os 
figure makes the idea clear Fig (4.2). iPermarient Non-polar. > Permanent induced | 
4.1.3 Instantaneous Dipole-induced. PRSUIISE SS ji, ), molecule mae Se 
Dipole Rereenyeyienaon pispersion 
Forces ait i 


Fig (4.2) Dipole-induced dipole interactions 






ee forces among the polar molecules, as discussed in section 4.1.1 
. are ae ni Mierstand, But the forces of attraction present among the non-polar 
—_ molecules li jum, neon, argon, chlorine and methane need special attention because 
und er normal conditions such molecules don’t have dipoles. We know that helium gas 
" — ils 'be 'be liquefied under appropriate conditions. In other words forces of attraction operate 
aa ie ng the atoms of helium which cause them to cling together in the liquid state. 


wait *-AGerman Bp ape Fritz London i in 1930 offered a simple explanation for these 
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symmetrical. It has more negative charge on one side than on the other. At that particular 
instant, the helium atom becomes a dipole. This is called instantaneous dipole. This 
instantaneous dipole then disturbs the electronic cloud of the other nearby atom. So, a 
dipole is induced in the second atom. This is called induced dipole. The momentary force 
of attraction created between instantaneous dipole and the induced dipole is called 
instantaneous dipole-induced dipole interaction or London force. It is a very short lived 
attraction because the electrons keep moving. This movement of electrons causes the 
dipoles to vanish as quickly as they are formed. Anyhow, a moment later, the dipoles will 
appear in different orientation and again weak attractions are developed. 

London forces are present in all types of molecules whether polar or non-polar, 
but they are very significant in non-polar molecules like CL,, H, and noble gases (helium, 
neon, etc.). 


4.1.4 Factors Affecting the London Forces 


London forces are weaker than dipole-  Table(4.1) Bolling points rot halogens 
. ° : and noble gas 
dipole interactions. The strength of these forces eo aes : 


depend upon the size of the electronic cloud of 

the atom or molecules. When the size of the 7°. 
atom or molecule is large then the dispersion 
becomes easy and these forces become more 
prominent. The elements of the zero group in 3 
the periodic table are all mono-atomic gases. 
They don’t make covalent bonds with other 
atoms because their outermost shells are 
complete. Their boiling points increase down 
the group from helium to radon. Boiling points 
of noble gases are given in Table (4.1) 

The atomic number increases down the group and the outermost electrons move 
away from the nuclei. The dispersion of the electronic clouds becomes more and more 
easy. So the polarizability of these atoms goes on increasing. 

Polarizability is the quantitative measurement of the extent to which the electronic 
cloud can be polarized or distorted. When we say that a species (atom, molecule or ion) is 
polarized, it means that temporary poles are created. This is possible if electronic oun n 


He Boiling point 
268.67] ("C) 


“PERIOD 
Bolling point (‘C) Increases, 





London forces and hence the boiling points are increased dow a ae a 
_ also increase fh 
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OO Ny ae Nt le aaa Asis 
ofatoms in a nonpolar molecule. Greater the number of atoms ina molecule, greater is its 
polarizability. Let us discuss the boiling points of saturated hydrocarbons, These 
hydrocarbons have chain of carbon atoms linked with hydrogen atoms. Compare the 
length of the chain C,H, and C,H,,. They have the boiling points - 88.6 °C and 68.7°C, 
respectively. This means that the molecule with a large chain length experiences stronger 
attractive forces. The reason is that longer molecules have more places along the length 
where they can be attracted to other molecules. It is very interesting to know that with the 
increasing molecular mass of these hydrocarbons, they change from gaseous to liquid 
and then finally become solids. The Table (4.2) gives the boiling points and the physical 
states ofsome hydrocarbons. 
Table (4.2) Boiling points and physical states of some hydroca 


B.P Physical state Name B.P Physical state 

°C (1 atm) at S.T.P °C (1 atm) at S.T.P 
Gas Pentane : iqui 
Gas Hexane 


Gas Decane 
Gas lsodecane 


4.1.5 Hydrogen Bonding 
To understand hydrogen bonding, let us consider the molecule of water. Oxygen 
is more electronegative element as 














compared to hydrogen, so water is a polar is aut bon 
molecule. Hence there will be dipole-dipole 5 5 
interactions between partial positively a ON i ON 
charged hydrogen atoms and partial SPH 
negatively charged oxygen atoms. Actually, o 
hydrogen bonding is something more than uf \w 
simple dipole-dipole interaction. Firstly, 4 Bk 
\ atom has two lone pairs. Secondly -—»«_ fg Sf 

n has sufficient partial positive \i 


ydrogen atoms of water 
ete field due to 
en atom of the other molecule links to form a coordinate 
sg one ofits lone pairs of electrons. Fig (4.4). 

ed is eee stronger than simple dipole-dipole 


Fig (4.4) Hydrogen bonding in water. 
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nitrogen and rarely chlorine. The strength of 


hydrogen bond is generally twenty times less Phen u va Ms 

than that ofa covalent bond. ci— dF 6 shag 
It is not advisable to limit the hydrogen \ Nex 

bonding to the above mentioned Cl a 


electronegative atoms. The three chlorine atoms Fig Ss) ayeweee =a 
in chloroform are responsible for hydrogen , 
bonding with other molecules. These atoms ~~ Hydrogen bond 


deprive the carbon atom of its electrons andthe ~~ Covalent bond “Ny FP 
partial positively charged hydrogen can form a ft we 
strong hydrogen bond with oxygen atom of & NE Ne 
acetone Fig (4.5). yi & <_ vi 
The hydrogen bonding present in the ie ty (Tg ot 
molecules of ammonia and those of hydroflouric H oT | 
acid can be depicted as follows Fig (4.6).The A a 
molecules of HF join with each other in a zig- zag ‘walle ef || 
manner. =>. CM 
The exceptional, low acidic strength of Fig s 7 ydrogen bonding in 


HF molecule as compared to HCl, HBrand HI is 
due to this strong hydrogen bonding, because the partial positively charged hydrogen is 
entrapped between two highly electronegative atoms. 


4.1.6 Properties and Application of Compounds Containing Hydrogen 
Bonding 
1. Thermodynamic Properties of Covalent Hydrides 


Our discussion shows that hydrogen . 
bonding exists in compounds having partial 
positively charged hydrogen and highly 
electronegative atoms bearing partial negative , 
charge. Obviously such intermolecular se 
attractions will influence the physical “ie 8 \\ —_ 
properties like melting and boiling points. Let le ~\ S 
us compare the physical properties of hydrides | - 


7 450, 


aay 
ete r Mia . 


of the periodic table oa a 


~ they have rol 3 


ae 


- 
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those of group V-A, VI-A, VII-A. The reason is that these elements are least 
electronegative. CH, has the lowest boiling point because it is a very small molecule and 
its polarizability is the least. 

When we consider the hydrides of group V-A, VI-A, VII-A then NH, H,O and HF 
show maximum boiling points in the respective series. The reason is, the enhancec 
electronegative character of N, O.and F. That is why, water is liquid at room temperature, 
but H,S and H,Se are gases. 

It is interesting to know that the boiling point of water seems to be more affected 
by hydrogen bonding than that of HF Fluorine is more electronegative than oxygen. So, 
we should expect H-bonding in HF to be stronger than that in water and as a result the 


boiling point of HF should be higher than that of H,O. However, it is lower and the reason 

, is that the fluorine atom can make only one hydrogen bond with electropositive hydrogen 
of 4 neighboring molecule. Water can form two hydrogen bonds per molecule, as it has 
two hydrogen atoms and two lone pairs on oxygen atom. e 


Ammonia can form only one hydrogen bond per molecule as it has only one lone 
pair. The boiling point of HBris slightly higher than that of HCI. It means that chlorine is 
electronegative enough to form a hydrogen bond. Sometimes it is thought that HCI has a 
‘strong dipole-dipole interaction but in reality, it is a border line case. The hydrides of 
fourth period GeH,, AsH,, H,Se, HBr show greater boiling points than those of third 
period due to greater size and enhanced poiarizabilities, 


' mu am Solubility of Hydrogen- Bonded Molecules 
__ Wateris the best example of H-bonded system. Similarly ethyl alcohol (C,H,OH) 
also has t the tendency to form hydrogen bonds. So, ethyl! alcohol can dissolve in water 
because both can form. hydrogen bonds with each other. Similarly carboxylic acids are 
alsa ) solub ble in water, if their sizes are small. Hydrocarbons are not soluble in water at all, 
) gare os oe and aes are no chances of hydrogen bonding 
ind hy 





dm 7 










emobile When the ‘temperature of water is decreased 

S become more regular and this regularity extends 
pac created in the structure as shown in the 

ter Desi it occupies 9% more space and its 

ats on water. The structure of ice is just like that 
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The lower density of ice than liquid water at --+---- Hydrogen bond 
0°C causes water in ponds and lakes to freeze from cSimecpkees 
surface to the downward direction. Water attains the 
temperature of 4°C by the fall of temperature in the 3 SSH es Ny 
Surrounding. As the outer atmosphere becomes 





further cold, the water at the surface becomes less > es 

dense. This less dense water below 4°C stays on the ad 9. : 

top of slightly warm water underneath. A stage — gniess eer 

reaches when it freezes. This layer of ice insulates the | Ne / is a 

water underneath for further heat loss. Fish and plants 

survive under this blanket of ice for months. hen betes 
Keeping the whole discussion in view we are 

forced to believe that the pattern of life for the plants ©; Oxygen 


aubigogen 



















and animals would have been totally different in the 
absence of hydrogen bonding in water. 


4. Cleansing Action of Soaps and 


Detergents 

Soaps and detergents perform the cleansing 
action because the polar part of their molecules are 
water soluble due to hydrogen-bonding and the non- - 
polar parts remain outside water, because they are? 
alkyl or benzyl portions and are insoluble in water. 


5. © Hydrogen Bonding in Biological 
Compounds and Food Materials 
Hydrogen bonding exists in the molecules of 

living system. Proteins are the important part of. 

living organisms. Fibres like those found in the hair, _ 
silk and muscles consist of long chains of amino ~ 
acids. These long chains are coiledabout one another — 
into a spiral. This spiral is called a helix. Sucha helix — 
may either be right handed or left handed. In hese ta 
of right handed helix ie groups! like>NH and >C-0 
ithe es 


link one spiral to the other, xe no 
that on the average there s for. 
secihany oftiehs li 


a — 
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Deoxyribonucleic acid (DNA) has two spiral 
chains. These are coiled about each other on a_ 
common axis. In this way, they give a double helix. 
This is 18-20 A in diameter. They are linked together 
by H-bonding between their sub-units, Fig (4.9 b). 

The food materials like carbohydrates 
include glucose, fructose and sucrose. They all have 
-OH groups in them which are responsible for 
hydrogen bonding in them. 





-_ Sugar-phosphate 


backbone 


























Fig (4.9 b) Hydrogen bonding in 
DNA double helix 


6. Hydrogen Bonding in Paints, Dyes and Textile Materials 
One of the most important properties of paints and dyes is their adhesive action. 
This property is developed due to hydrogen bonding. Similar type of hydrogen bonding 
makes glue and honey as sticky substances. 
We use cotton, silk or synthetic fibres for clothing. Hydrogen bonding is of vital 
importance i in these thread making materials. This hydrogen bonding is responsible for 
their rigidity and the tensile strength. 


.2 EVAPORATION 


In order to understand evaporation, we have to examine the movement of 
ules in liquids. The molecules of a liquid are not motionless. The energy of 


with high incic energy move faster. If one of the high speed 
© surface, it may escape the attractions of its neighbouring 
the bulk of the liquid. This spontaneous change of a liquid into its 
and it continues at all temperatures. 

oling. The reason is that when high energy molecules 
1 aolecules are left behind, the temperature of the liquid 
rroundir ae ie liquid and then the temperature of the 


s which contro, trol the rate of evaporation of a liquid. Since 
eepriace area is increased then more 


ve area, : controlled by. the temperature and the 
f intermolecular forces. At high atu ®, the molecules having preety 








LIQUIDS AND SOLIDS Chemistry-XI 


energy increase and so rate of evaporation increases. Similarly, if intermolecular forces 
are weak, the rate of evaporation is faster. For example, gasoline, whose molecules ) 
experience weaker London forces of attraction, evaporate much faster than water. 
; 
; 


When the molecules ofa liquid leave the open surface, they are mixed up with air 
above the liquid. If the vessel is open 
these molecules go on leaving the —ajiquidbegins —_-Vapours begins ne 
surface. But if we close the system the Risers W.condenss established 
molecules of liquid start gathering above 
the surface. These molecules not only 
collide with the walls of the container, but 
also with the surface of the liquid as well. 
There are chances that these molecules Fig (4.10) Evaporation of a liquid and establishment 
are recaptured by the surface of liquid. of dynamic equilibrium between liquid and its vapours 
This process is called condensation. The 
two processes, i.e., evaporation and condensation continue till a stage reaches when the 
rate of evaporation becomes equal to the rate of condensation. 
This is called the state of dynamic equilibrium Fig (4.10). So the vapour pressure of a 
liquid is a pressure exerted by the vapours of the liquid in equilibrium with the liquid at a 
given temperature. Liquid = Vapour 





4.2.1 Vapour Pressure | 


The number of molecules leaving the surface is just equal to the number of 
molecules coming back into it at a constant temperature. The molecules which are in the 
liquid state at any moment may be in vapour state at the next moment. 

The magnitude of vapour pressure does not depend upon the amount of liquid in 
the container or the volume of container. It does not depend on surface area of a liquid. 
The larger surface area presents a larger target for returning the molecules, so the rate of 
condensation also increases. 
















. Table (4.3) Vapour pressures” 
Vapour Pressure Increases with Temperature — eed 
The values of vapour pressures of various liquids 
depend fairly upon the nature of liquids i.e. on the sizes of 
molecules and intermolecular forces, but the most important - 
parameter which controls the vapour pressure of a liquid is its 
temperature. At an elevated temperature, the kinetic energy of _ 
molecules is enhanced and capability to leave nao) 
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vapour pressure from 4.579 torr to 9.209 torr for change of temperature from 0°C to 
10°C. But the increase is from 527.8 torr to 760 torr when temperature changes from 
90°C to 100°C. 

The difference in the strength of intermolecular forces in different liquids is directly 
related to their vapour pressures at a particular temperature. The stronger the 
intermolecular forces the lower the vapour pressure. The following Table (4.4) shows 
that at20 °C isopentane has the highest vapour pressure, while glycerol has the lowest. 


4.2.2 Measurementof Vapour Pressure pet ispertaur Manos at A ee 


There are many methods for the 
n Nerneiofeanmound Vapour pressure 
Spe OR OMP at 20°C (torr) 









measurement of vapour pressure of a liquid. 
One of the important methods is described in 






K the following paragraph. Isopentane 
Ethyl ether 
Manometric Method Chloroform 





Carbon tetrachloride 
Ethanol 

Mercury 

Glycerol 







~ Manometric method is comparatively 

an accurate method. The liquid whose vapour 
pressure is to be determined is taken in a flask 

____ Placed in a thermostat, as shown in the 
Fig(4.11). One end of the tube from the flask is 
connected to a manometer and the other end is connected to a vacuum PUNO: The liquid 

4 is frozen with the help ofa freezing mixture and the space above the liquid is evacuated. 
by Inthisy way, the air is removed from the surface of the liquid alongwith the vapours of that 
7 liquid. The frozen liquid is then melted to release any entrapped air. Liquid is again 
beeen. 2 and realeased air is evacuated. 









0.012 
0.00016 














_Fig. (4.11) Measurement of vapour pressure ofa 
liquid by manometric method 


of mere Iry ry in the matiometer facing the vapours of the liquid is 
sr column, which faces the atmospheric pressure, rises. Actually, the 
5 ef flask is equal to the sum of the atmospheric 
i er this reason, the column of manometer 
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P=  P.+Ah 
Where P= Vapour pressure of the liquid at one atm pressure. 
P= Atmospheric pressure. 


Ah = _ Difference in the heights of the mercury levels in the two limbs 
of the manometer, giving us the vapour pressure of liquid. 


4.2.3 Boiling Point 

When a liquid is heated, the vapour pressure goes on increasing. A stage reaches 
when the vapour pressure of the liquid becomes equal to the external atmospheric 
pressure. This temperature is called the boiling point of the liquid. The reason for this is 
that the bubbles of vapours which are formed in the interior of the liquid have greater 
internal pressure than atmospheric pressure on the surface of liquid. This makes the 
bubbles to come out of the liquid and burst at the surface. Thus a constant stream of 
bubbles comes out at the boiling point. ; 

When a liquid is heated, the kinetic energy of its molecules increases and hence 
the temperature also increases. At 
the boiling point, the kinetic energy 
of the molecules becomes 


Table (4.5) Boiling points of some 
common liquids at 760 torr. 








maximum andany further heatingat [ecieg — beh [Oa ro [ED 
this stage will not increase the Acetone. -*(56.00 [ethanol —=«4d’ 78.26 
temperature. This heat will only be 
utilized to break the intermolecular [Benzene [80.15 [Phenol —_—*|181.80 | 
forces and convert the liquid into its [Carbon disulphide ]46.30_[Water___——__—{ 100.00 | 











vapours. The amount of heat 
required to vapourize one mole of a liquid at 
its boiling point is called its molar heat of Normal boiling points 
vapourization. The molar heat of 
vapourization of water is 40.6 kJmol”. The 
boiling points of some commonly available 
liquids at one atmospheric pressure are 
shown in the Table (4.5). 

The Fig (4.12) shows the variation of 
vapour pressure of water, ethyl alcohol, 
ethylene glycol and diethyl ether with 
temperature. It shows that the liquids reach - 
upto their boiling points when their vapour ° 
pressures are equal to 760 torr at sea level. 
The’ way these curves start at 0°C is ann 
interesting. Water takes start.at4.8 torr while 
diethyl ether at around 200 torr. Thisisdueto  ~ 

oe are 


Vapour pressure (torr) - 
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difference in the strengths of their intermolecular forces. The curve for water goes 
alongwith temperature axis to a greater extent at the beginning as compared to ether. It 
means that water can hardly overcome its intermolecular forces at low temperatures. It is 
clear from the curves that the vapour pressure increases very rapidly when the liquids are 
closerto their boiling points. 


4.2.4 Boiling Point and External Pressuire 

We have already explained that when vapour pressure of a liquid becomes equal 
to the external pressure then the liquid boils, so when external pressure is changed, its 
boiling point will also be changed. A liquid can be made to boil at any temperature by 
changing the external pressure. When the external pressure is high the liquid requires 
greater amount of heat to equalize its vapour pressure to external pressure. In this way 
boiling point is raised. Similarly, at a lower external pressure a liquid absorbs less 


amount of heat and it boils ata lower temperature. 


For example, water shows B.P of 120°C at 1489 torr pressure and boils at 25 °C at 
23.7 torr. Water boils at 98 °C at Murrec hills due to external pressure of 700 torr while at 
the: sep of Mount Everest water boils at only 69°C at 323 torr. 

_ We can increase the external pressure artificially on the surface of boiling water 


peas a pressure cooker, Pressure cooker i is a closed container. The vapours of water 





ickayinder increased Peers 


Me | Liquids can be made to boil at low temperatures, where they can be distilled 


ae process: 4s called vacuum distillation. Vacuum distillation has many 
~ oh: the time for the distillation process and is economical because 
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change takes place at a constant pressure, then the heat change during this process is also 
called enthalpy change. This is denoted by AH. These enthalpy changes are usually 

expressed per mole of the substances. Three types of enthalpy changes are associated 

with usual physical changes. 


(i) Molar Heat of Fusion (AH) 
It is the amount of heat absorbed by one mole of a solid when it melts into liquid 
form at its melting point. The pressure, during the change is kept one atmosphere. 


(ii) Molar Heat of Vapourization (AHL) 
It is the amount of heat absorbed when one mole of a liquid is changed into 
vapours at its boiling point. The pressure, during the change is kept one atmosphere. 


(iii) Molar Heat of Sublimation (AH) 

It is the amount of heat absorbed when one mole of a solid sublimes to give one 
mole of vapours at a particular temperature and one atmospheric pressure. All these 
enthalpy changes are positive, because they are endothermic processes. 


4.2.6 Energy Changes and IntermolecularAttractions 

When a solid substance melts then atoms, molecules or ions undergo relatively 
small changes in intermolecular distances and the potential energy also undergoes a 
small change. But when a liquid evaporates, then larger changes in intermolecular 
distances and in potential energy take place. So AH of vapourization of a substance is 
greater than AH of fusion. The values of AHs are even larger than AH, because attractive 
forces in solids are stronger than those in liquids. 

The values of AH, and AH, tell us directly the energy 1 needed to separate 












molecules from each other. So from these values, we can Table (4. 6) Heats of 
compare the strengths of intermolecular forces indifferent --—_—vaporization = 
‘of some substances 


compounds. “ : 

From the following Table (4.6), we are «convinced 
that AH, for H,O, NH, and SO, are reasonably high due to. 
polar nature of molecules. AH, for iodine is the highest _ 
amongst its pen members due to its setae! 


nce” ABV (Ei/mal) r 
- eS 


molecules. Actually, the London disporianieneess in if eae 
C,H,, are sufficiently strong | and these are Bea for 
such a behaviour. ~~ 


4.2.7 Chae See iD Deka C sien 4 
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moves towards the condition of dynamic equilibrium. Dynamic equilibrium is a 
situation when two opposing changes occur at equal rates. Being a chemist, we should 
know that the concept of dynamic equilibrium is the fate or the ultimate goal of all the 
reversible chemical reactions and all the physical changes. At 0°C, solid water (ice) 
exists in dynamic equilibrium with liquid water. 

0°C 


water 


-" 


ice 





_ 43 Liquid Crystals 
Whenever we study the properties of crystalline solids, we come to know that the 
pure solids melt sharply. The temperature remains constant at the melting point until uy 
: the solid melts. 
In 1888, Frederick Reinitzer, an Austrian botanist discovered a universal 
property. He was studying an organic compound cholesteryl benzoate. This compound 
tums milky liquid at 145°C and becomes a clear liquid at 179°C. When the substance is 
cooled, the reverse process occurs. This turbid liquid phase was called liquid crystal. 
Uptil now, it has been reported that, there are many crystalline solids which melt 
; ___ toaturbid liquid phase, before finally melting to a clear liquid. These turbid liquid phases 
: > can flow as liquids. They have the properties like liquids as surface tension, viscosity, etc. 
a But iti His very interesting to know that the molecules of such turbid liquids possess some 
is Lee e of order as well. It means that these turbid liquids resemble crystals in certain 
“5 properties and the most important properties are optical ones. These turbid liquids are 
ce called liquid crystals. So, a liquid crystalline state exists between two 
ahaa i.e. melting temperature and clearing temperature. A crystalline solid may 
_ beisotropic or anisotropic, but liquid crystals are always anistropic. 
ar: Liquid crystal —— ~~ _ Liquid 
1888 to until about 30 years ago, liquid crystals were largely a laboratory 
ney have found a large number of applications. 
stance: s which make the liquid crystals are often composed of long rod 


























oryste ine phase, they develop some ordering of molecules. 
ature pescedering, liquid crystals can be divided into nematic, 





iJ iquid crystals are intermediate between those of crystals and 
) ‘the fi aoe of the liquids and the optical ogi of the 


land delectrical properties, liquid covatals find many : 
ic compounds and biological tissues behave as liquid 

uid Sh veantrigued the scientists since their — 
“ir important uses are as follows. 
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(i) Like solid crystals, liquid crystals’ can diffract light. When oné of the 
wavelengths of white light is reflected, from a liquid crystal it appears coloured. 
As the temperature changes, the distances between the layers of the molecules of 
liquid crystals change. Therefore, the colour of the reflected light changes 
accordingly. Thus liquid crystals can be used as temperature sensors. 

(ii) Liquid crystals are used to find the point of potential failure in electrical circuits. 
Room thermometers also ‘contain’ Tiquid crystals with a suitable temperature 
range. As the temperature changes, figures show up indifferent colours. 

(iii) Liquid crystalline substances are used to locate the veins, arteries, infections and 
tumors. The reason is that-these parts of the body are warmer than the 
surrounding tissues. Specialists can use the techniques of skin thermography to 
detect blockages in veins and arteriessWhen'a layer ofliquid crystal is painted on 
the surface of the breast, a tumor shows up as a hot area a which i is coloured blue, 
This technique has been successful in the early diagnosis of breast cancer. 5 

(iv) Liquid crystals are used in the display of electrical devices such as digital 
watches, calculators and laptop computers. These devices operate due to the fact 
that temperature, pressure’ and electro-magnetic fields easily affect the weak 
bonds, which hold molecules together in liquid crystals. 

(v) In chromatographic separations, liquid crystals are used as solvents. 


Beer Fe ob 


4 4 IN TRODUCTION 

Solids are those substances which are rigid, hard, have definite shape ai d definite 
volume. The atoms, ions and molecules that make up a solid are Closely packec They are 
held together by strong cohesive forces. The constituent atoms, ions or molecules of 
solids cannot move at random. There exists a well ordered arrangementin oe 


4.4.1 Types of Solids 
Solids can be classified on the basis of the regular tee te) fae 
atoms, ions ormolecules. Tete SEE LAR s of solids RENEE op 


(i) "-~ Crystallitte Solids?" 9 4pngaia bale Sse S aaa 

Those solids in which atoms, ions or molecules are er it a ect three 
dimensional pattern are called crystalline solids This recurring regular geometrical 
pattern of structure extends three dimensionally. 


View 0 r" bi See eral 
(ii), Amorphous Solids . 2° ; cikea Try Dv Mee otis 
+ Allsolids are not crystalline T hs word aaa neaieahaceltat Amorphous 
siietanas are those'whose constituent atoms, ions; or molecules do: not possess aregular 
orderly arrangement. The best examples are glass, plastics, tuber, § glue, etc. Th 
substances have solid state properties and aly aa? of shape 
—_—_( 95 \—-___—_ 
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volume. But they do not have an ordered crystalline state. 

‘Many crystalline solids can be changed into amorphous solids by melting them 
and then cooling the molten mass rapidly. In this way the constituent particles do not find 
time to arrange themselves. 

A long range regularity does not exist in amorphous solids but they can possess 
small regions of orderly arrangements. These crystalline parts of otherwise amorphous 
solids are known as crystallites. Amorphous solids don’t have sharp melting points that is 
why particles of glass soften over a temperature range and can be moulded and blown 
into various shapes, They do not possess definite heats of fusion. 


4.4.2 Properties of Crystalline Solids 


1, Geometrical Shape 

All the crystalline solids have a definite, distinctive geometrical shape due to 
definite andorderly arrangement of atoms, ions or molecules in three dimensional space. 
For a given crystal, the interfacial angles, at which the surfaces intersect, are always the 
same no matter in which shape they are grown. The faces and angles remain 
characteristic even when the material is ground to a fine powder. 


2. Melting Points 
Crystalline solids have sharp melting points and can be identified from their 
definite melting points. 


3. Cleavage Planes 

Whenever the crystalline solids are broken they do so along definite planes. 
These planes are called the cleavage planes and they are inclined to one another at a 
particular angle for a given crystalline solid. The value of this angle varies from one solid 
to another solid. 


4. Anisotropy — 

Some of the cryStals show variation in physical properties depending upon the 
direction. Such properties are called anisotropic properties and the phenomenon is 
referred to as anisotropy. The physical properties of crystalline solids like refractive 
index, coefficient of thermal expansion, electrical and thermal conductivities are 
sometimes anisotropic in nature for some crystals. The variation in these properties with 
direction is due to fact that the orderly arrangement of the particles in crystalline solids is 
different in different directions. For example, electrical conductivity of graphite is 
greater in one direction than in another. Actually, electrons in graphite are mobile for 
electrical conduction parallel to the layers only. Therefore, its conductivity in this 
directions ces inser naa to ube other direction. Similarly, cleavage itself 
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3 Symmetry 

The repetition of faces, angles or edges when a crystal is rotated by 360° along its 
axis is called symmetry. This an important property of the crystal and there are various 
types of symmetry elements found in crystals like, center of symmetry, plane of 
symmetry and axis of symmetry, etc. . 


6. Habit of a Crystal 

The shape ofa crystal in which it usually grows is called habit of a crystal. Crystals 
are usually obtained by cooling the saturated solution or by slow cooling of the liquid 
substance. These are formed by growing in various directions. If the conditions for growing 
a crystal are maintained, then the shape of the crystal always remains the same. If the 
conditions are changed the shape of the crystal may change. For example, a cubic crystal of 
NaCl becomes needle like when 10% urea is present in its solution as an impurity. 


Te Isomorphism 

Isomorphism is the phenomenon in which two different substances exist in the 
same crystalline form. These different substances are called isomorphs of each other. A 
crystalline form is independent of the chemical nature of the atoms and depends only on 
the number of atoms and their way of combinations. 

Mostly the ratio of atoms in various compounds is such that penetra is 
possible. Their physical and chemical properties are quite different from each other. 
Anyway, isomorphic substances crystallize together in all proportions in homogeneous 
mixtures, Following examples tell us the nature of the compound, their crystalline forms 
and the ratio of their atoms. 


Crystalline form 
























NaNO,, KNO, rhombohedral 
K,SO,, K,CrO, orthorhombic 
ZnSO,, NiSO, -do- 
NaF, MgO cubic 
Cu, Ag cubic 






Zn, Cd 
The structures of the negatively charged ions like NO} and GOR , are the same. 
Similarly shapes of SO; and Cr; are also alike. CO; and NO} are es planar 
units, while SO; and CrO;" are both tetrahedral. 


hexagonal 


4 


ee 


8. Polymorphism ion ed Leortyepeanettsse 

Polymorphism is a phenomenon in which a Sentooundl exists in more than one 
crystalline forms. That compound which ‘exists in. more: than one ‘crystalline forms is 
called a polymorphic, and these forms are called polymorphs of each other. Polymorphs: 
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have the same chemical properties, but ‘hie differ in the pk yaieal properties. The 
difference in physical properties is due to different structural arrangement of their 


particles. 
The following compounds are important polymorphs. 


Crystalline forms 
AgNO, Rhombohedral, Othorhombic: : ; |; :. 
CaCO, Trigonal and orthorhombic 


9.» Allotropy 
The existence of an element in more than one crystalline forms is known as allotropy 

and these forms of the element are called allotropes or allotropic forms. Sulphur, phosphorus, 
carbon and tin are some important examples of elements which show allotropy. 
Sulphur, S Rhombic, monoclinic 5,-5.5 4; ry 
Carbon, C cubic (diamond), hexagonal (graphite) 
Tin, Sn cubic (grey tin), tetragonal (white tin) 























10. Transition Temperature 

It is that temperature at which two crystalline forms of the same substance can 
co-exist in equilibrium with each other. At this temperature, one crystalline form of a 
substance changes to another. Above and below this temperature, only one form exists. A 
few examples for those substances which show allotropy and possess a transition 











temperature are given below: . 
(i) Grey Tin (cubic) aaa White tin (Tetragonal) 
Gil) KNO, (orthorhombic) | Se No, hombobedtal. 
: ,(thom! 
(iv)Na,SO,-10H,O (hydrated form) == Na SO,(anhydrous from) + 10H,O 


(v) Na,CO,-10H,0 (higher hydrated form) “= Na,CO,7H,O (lowerhydrated 
form) +3H,O 

It has been noticed that the transition temperature of the allotropic forms of an element is 

always less than its melting point. 


4.5— CRY STALLATTICE 

nr Acrystal is made up.of atoms, ions or molecules. 
In crystalline solids, these atoms, ions or molecules are 
osated et definite positions in space. These positions are 
Lie ee an ta are called — 
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ions or molecules of a crystal, arranged at different sites in three dimensional space. 
Fig. (4.13) shows acrystal lattice with a cubic structure. 


4.5.1 Unit Cell 

When we look at the cubic crystal 
lattice in Fig (4.14), we see that it is actually 
composed of many small parts. The smallest 
part of the crystal lattice has all the 
characteristic features of the entire crystal 
and is called a unit cell. sant mari 

It means that a unit cell of a crystal ~ 
lattice is the smallest block or geometrical 
figure, from which the entire crystal can be 
built up by repeating it in three dimensions. 
It shows the structural properties of a given 
crystal. The complete information about the — 





: s sap: : Fig (4.14) Six crystall 
crystalline structure is present within a ut pede sped the oeraphie and 
cell which repeats itself in three dimensions shape of a unit cell 

to form a crystal. 


If we know the exact arrangement of atoms in a unit cell, we in ‘fact know their 
arrangement in the whole crystal. 

The quantitative aspects ofa crystal lattice are deduced from the size and shape of 
the unit cell. There are three unit cell lengths a, b, c and three unit cell angles, a, B and y. 
These six parameters are shown in Fig (4.14). 


The angle ‘a’ is between the lengths ‘b’ and“c’, the angle “B’ is between the sides 
‘a’ and ‘c’ and angle ‘y’ is between sides ‘a’ and ‘b’. The unit cell lengths a, b, c, may be 
assigned along x, y and z axis, respectivly but angles a , b and g have to be decided 
accordingly. The choice of x, y, zmay be along any ofthe three axis. These eet eet 
of the unit cell are called unit cell dimensions or crystallographic elements.) © 99> 

Keeping in view the structure of the unit cell we can understand the ayaa Roe 


4.6 CRYSTALSAND THEIR CLASSIFICATION 
A crystal system may be identified by the dimensions of its ‘unit cell. along its 


‘three edges or axes, a, bjcand three angles between the axesa,B,y. “  ” ele Len pol 
There are seven crystal systems. The titel FS FRE See 
follows Fig (4.15). ealhavers Reel) ive stole eophege eter amie ont 


Tt. 
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1. Cubic system 
In this system all the three axes are of equal 
length and all are at right angles to one another. 


2. Tetragonal system 


In this system two axes are of equal length 


and the third axis is either shorter or larger than the 
other two. All angles are 90°. 


3. Orthorhombic Or Rhombic System 
All the three axes are of unequal length and 
all are at right angle to each other. 


4.- Monoclinic System 
All the three axes are of unequal length; two 
of these axes are at right angle to each other while the 
third angleis greaterthen90°. 


5. Hexagonal System 

In this system two axes are of equal length 
and are in one plane making an angle of 120° with 
each other. The third axis which is different in length 
than the other two is at right angle to these two axes. 


6. Rhombohedral System Or Trigonal 
System. 
All the three axes are of an equal length like 
cubic system but the three angles are not ial and lie 
between 90° and 120°. 


7.  Triclinic Syatou 


All the three axes and the three angles are 
unequal and none ofthe anglesis90°. 
Table (4.7) shows the unit cell dimensions of 
the seven crystal systems along with their examples. 
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Fig (4.15) Seven crystal systems 3 
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Table (4.7) Seven Crystal Systems 












Crystalsystem 





[1 few [psosc[acicveor | Fa Guan nac eb Oo 
[a [sonst |onore|ocpar=or | SnSr0, ro, nH 
| 3, fonthorhombic Idoine, Rhombic, Sulphur, BaSO,, K,SO, 

et 





| 4. [Monociinic  [axnee. a=7=90°,B#90° Sugar, Sulphur, Borax, Na,SO,.10H,O 
| 5. |Heragonat |a=oxc|a=p=o0%r=120° | Graphite, 2n0, C45 ea Zn, Ca 


Rhombohedral 
on Toned ie a=o=c| a=B=y>90° and <120°| Bi, Al,O,, NaNO,, KNO, 
Trictinic at B#y#90° H,BO,, K,Cr,0,, CuSO,.5H,O 


4.7 CLASSIFICATION OF SOLIDS 

In. the preceding section, we noted that the crystals are classified into seven 
systems depending upon the dimensions of the unit cells. A unit cell contains a definite 
number of atoms, ions, or molecules. These atoms, ions or molecules are held together by 
different types of cohesive forces. These forces may be chemical bonds or some type of 
interactions, There are four types of crystalline solids depending upon the type of bonds 
present in them. - 

(i) Ionic solids (ii) _ Covalentsolids 

(iii) Metallic solids (iv) | Molecularsolids 


4.7.1 Tonic Solids 

Crystalline solids in which the particles forming the crystal are positively and 
negatively charged ions are called ionic solids. These ions are held together by strong 
electrostatic forces of attraction. These attractive forces are also called ionic bonds. The 
crystals of NaCl, KBr, etc are ionic solids. 





Properties of Ionic Solids ; 

The cations and anions are arranged in a well defined geometrical pattern, so they 
are crystalline solids at room temperature. Under ordinary conditions of temperature and 
pressure they never exist in the form of liquids or gases. . ; at bn 

Ionic crystals are very stable compounds. Very high energy is required to 
separate the cations and anions from each other against the forces of attraction. That is 
why ionic crystals are very hard, have low volatility and high melting and boiling points. 

Tonic solids do not exist as individual neutral independent molecules. Their 
cations and anions attract each other and these forces are non-directional, The close 
packing of the ions enables them to occupy minimum space, A crystal lattice is 
developed when the ions arrange themselves systematically inanalternatemanner, 

The structure of the ionic crystals depends upon the radius ratio of cations and 
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anions. For example. NaCl and CsF have the same geometry because the radius ratio in 
both the cases is the same. 

In the case of ionic crystals we always talk about the formula mass of these 
substances and not the molecular mass, because they do not exist in the form of 
molecules. 

Ionic crystals do not conduct electricity in the solid state, because on account of 
electrostatic force existing between them the cations and anions remain tightly held 
together and hence occupy fixed positions. Ionic crystals conduct electricity when they 
are in solution or in the molten state. In both cases ions become free. 

Ionic crystals are highly brittle 
because ionic solids are composed of  |Fere 
parallel layers which contain cations 
and anions in alternate positions, so that . lrg °™ ‘eae O°, “ee 
the opposite ions in the various parallel 
layers lie over each other. When an 
external force is applied, one layer of the 
ions slides a bit over the other layer Fig (4.16) Explanation of brittleness 
along a plane.In this way the like ions of ionic crystals 
come in front of each other and hence begin to repel. So, the application ofa little external 
force develops repulsion between two layers causing brittleness Fig (4.16). 

Ionic solids are mostly of high density due to close packing of ions. Such 
compounds having the ionic crystals give ionic reactions in polar solvents and these are 
very fast reactions. 

The properties like isomorphism and polymorphism are also associated with the 
ionic crystals. In order to understand the structure of ionic crystals, let us explain the 
structure of sodium chloride crystals. 






Structure of Sodium Chloride 
The structure of ionic crystals depends upon the structure and the size of their 
ions. Each ion is surrounded by a certain number of i ions of opposite charge. In the 
structure of NaCl each Na’ ionissurrounded by six chloride ions. Fig (4.17) shows how 
these ions are arranged in the crystal lattice. It is clear that Na’ has ten electrons while CI 
has total 18 electrons. The size of the CI is bigger than that of Na’ 

The distance between two nearest ions of the same kindi.e., Cl' ions is 5.63°A.So 
the distance between two adjacent ions of different kind is 5.63/2=2.815°A. 

The location of Na’ and CI is such that each Na’ is surrounded by six CI placed at 
the corners of a regular octahedron Fig. (4.17 a). So the coordination number of each Na” 
is six. Similarly, each Cl is also surrounded by six Na’. Na’ and Cl are not connected to 
paganaithes By ats beret all six CI ions are at the s same distance away from one Na’. It 
has been. that independent molecules of NaCl do exist in the vapour phase. 
Anyhow, in solid NaCl there are no 0 independent molecules of NaCl. That is why NaCl is 
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said to have formula unit of NaCl. 

While looking at the Fig. (4.17b), 
we see that there are eight Cl at the 
comers of the cube, and each is being 
shared amongst eight cubes. I/8th part of 
each CI ion is considered for this unit 
cell. So, one complete CI is contributed Figs (4.17 a, b) The unit cell of sodium chloride 

. geen . : showing that four NaCl formula units 
by eight corners. Similarly, six chloride are present in a unit cell. . 
ions are present at the face centres and each is being shared between two cells. Thus. per 
unit cell there are 8/8 + 6/2=4 CI ions. You can justify the presence of 4 Na’ , ifyou takea 
unit cell having 8Na’ at eight corners and 6Na’ at faces. So, there are equal number of Na’ 
ions; and therefore 4 NaCl units are present per unit cell. Fig (4. 17b). 
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Lattice Energy | 

Solids are composed of atoms, ions or molecules. However, many solids of daily 
importance are ionic in nature. As mentioned earlier these ions exist in a three 
dimensional array which is called as lattice. 

When the oppositely charged ions are brought, close to each other energy is 
released. So the lattice energy is the energy released when one mole of thei ionic crystal is 
formed from the gaseous ions. It is also defined as the energy required to break one mole 
of solid into isolated ions in the gas phase. It is expressed in kJ mole’. 


Na‘(g)+CI(g) > NaCls)  - AH= -787 kJ mol’ 
Table (4.8) shows the lattice energies of many ionic compounds, It is clear from the 
table that lattice energy decreases with the a a Lattice aces 
increase in the size of the cation keeping the —— of ionic compoun 


anion same, It also decreases with the increase} Lattice energy 

in the size of anion. The reason in both cases is (kJ mol’). 
the same. With the increase in the size of either, 
cation or anion, the packing of oppositely: 
charged ions becomes less and less tight: The 
calculations related to the measurement of 
lattice energy will be discussed in chapter seven, |. 


4.7.2. Covalent Solids ies ear mute 
Covalent solids are also called atomic ; LPP 
solids, because they are composed of neutral atoms of the same or 1 of different elements, 


? 


These atoms are held together by covalent bonds. — fer Horan waarmee 


Covalent solids are oftwotypes. . = 
(i) | When the covalent bonds join to form giant molecular like diamond, silicon 
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carbide or aluminium nitride. 

(ii) ~ When atoms join to form the covalent bonds and separate layers are produced 
like that of graphite, cadmium iodide and boron nitride. 


Properties of Covalent Crystals 

The bonding in covalent crystals extends in three dimensions. They contain a 
network of atoms. The valencies of atoms are directed in definite directions, so the 
packing of atoms in these crystals is looser than those of ionic and metallic crystals. Thus 
covalent crystals have open structure. 

These crystals are very hard and considerable amount of energy is required to 
break them. They have high melting points and their volatility is very low. 

Due to the absence of free electrons and ions they are bad conductors of 
electricity. However, graphite has a layered structure and the electrons are available in 
between the layers. These electrons are delocalised and conductivity becomes possible. 
Graphite is not a conductor perpendicular to the layers. 

Mostly covalent crystalline solids are insoluble in polar solvents like water but 
they are readily soluble in non-polar solvents like benzene and carbon tetrachloride. The 
covalent crystals having giant molecules like diamond and silicon carbide are insoluble 
in all the solvents. Because of their big size, they do not interact with the solvent 
‘molecules. The chemical reactions of such crystalline solids are very slow. 

Letus try to understand the structure of diamond, which is a well known covalent solid. 


Structure of Diamond 

Diamond is one of the allotropic modifications of carbon. It is best understood by 
taking into consideration the number of electrons in the outermost shell of carbon, which 
are four. The four atomic orbitals (one 2s and three 2p) 


undergo sp’ hybridization to give four sp’ hybridized 

orbitals. They are directed in space along the four Ld 

comers ofa tetrahedron Fig. (4.18). mi eh Zool. 
This is the unit cell of diamond and a large Pew 


number of such unit cells undergo sp’-sp’ overlapping to bie 
form a huge structure. Each catbon atom is linked with © zeit) 
four other carbon atoms. The bonds between carbon 
atoms are covalent which run through out the crystal in 
three-dimensions. All the bond angles are 109.5° and 
the bond lengths are 154 pm. The whole lattice is, 
therefore, continuous and because of the continuity of 
C-C covalent bonding, the entire diamond crystal _ 
behaves as a huge or giant three dimensional carbon t—S 
. This is ae ae ee, Fig(4. 18b) Structure of 
diamond crystal 
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Fig.(4.18b), The overall structure of diamond looks 
face centred-cubic Fig. (4.18 c) 


4.7.3. Molecular Solids 

Those solid substances in which the particles 
forming the crystals are polar or non-polar molecules 
or atoms, of a substance are called molecular solids. 
For instance, in solidified noble gases, there are non- 
polar atoms. Two types of intermolecular forces hold Fis(4-18 ¢) face-centered cubic structure 
there particles together in mole abrlar solids in molecular solids. 































(i) Dipole-dipole interactions. 

(ii) | vander Waals forces. 

These intermolecular forces are much’ weaker than the forces of attraction 
between the cations and the anions in ionic crystals, and between the atoms in the 
covalent crystals. 

Ice and sugar are the best examples of crystals having polar molecules whereas 
iodine, sulphur, phosphorus and carbon dioxide form the molecular crystals containing 
nonpolar molecules. Polar molecular solids have usually higher melting and boiling 
points as compared to non-polar molecular solids. 





Properties of the Molecular Solids 

X-ray analysis has shown the regular arrangements of atoms in constituent 
molecules of these solids, and we get the exact positions ofall the atoms. 

The forces, which hold the molecules together in molecular crystals, are very 
weak so they are soft and easily compressible. 

They are mostly volatile and have low melting and boiling points. They. are bad 
conductors of electricity, have low densities and sometimes transparent to light. Polar 
molecular crystals are mostly soluble in polar solvents, while non-polar molecular 
crystals are usually soluble innon-polar solvents. 

Iodine is one of the best examples of a molecular solid, Let us discuss the 
structure of iodine molecule. 


+ . s: 


Structure of Solid Iodine “. ae Alt a fre 
In the solid state the molecules of jodie alig align ‘in eee Zs 

the form of layer lattice. This is shown in Fig (4:19)-1-1 | RNS 

bond distance is 271.5 pm and itis appreciably larger than. Ate Le] 

in gaseous iodine (266.6 pm). As expected from its: “Rey oP ae 
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structure, iodine is a poor conductor of electncies: - 
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4.7.4. Metallic Solids 


In order to explain properties of | & Mobile electrons 


metallic solids various theories have been | +. SB) Positive ions 

proposed.. é few of them are mentioned WD, BD, BD, DB, dD, o. 2, 

Sede rete roriicnlictonting. PREREBEDee 
efirst theory ofmetallicbonding | 

is called electron pool or electron gas | o, OO. Be oe. Be Pe Be 

theory. This theory was proposed by Drude | OB, dB, d, OD, OL By 


and extended by Loren (1923). According | @_ DD BD AD HD A, HH, &, 
to this theory, each atom in a metal crystal ~~~~= 
loses all of its valence electrons. These 
valence electrons form a pool or a gas. The 
positively charged metal ions are believed to be held together by electron pool or gas. 
These positively charged ions occupy definite positions at measurable distances from 
each other in the crystal lattice. Valence elect rons are not attached to any individual ion 
or a pair of ions rather belong to the crystal as a whole. These electrons are free to move 
about from one part of the crystal to the other. The force, which binds a metal cation to a 
number of electrons within its sphere of influence, is known as metallic bond. The 
following Fig (4.20) gives an idea of electron gas model. 


Fig (4.20) Positive ions surrounded 
by mobile electrons 


L. Pauling has tried to explain the metallic bond according to valence bond 
theory. According to this theory, the metallic bond is treated essentially as covalent in 
character. However, it is assumed that the covalent bonds are not localized but are highly 
delocalized in metal structure. 

Recently, molecular orbital theory was applied to explain the characteristics of 
metallic solids. According to this theory, it is assumed that the electrons in the completely 
filled orbitals are essentially localized, while’ atomic orbitals containing the valence 
electrons interact or overlap to form a set of delocalized orbitals. These delocalized 
orbitals are the molecular orbitals which extend over the entire crystal lattice. Such a 
combination of atomic orbitals produce as a large number of closely spaced states. These 
states of energy are also known as bands of energy: That is why it is also called a band 
needs The energy gap between two bands determines the properties of the metallic 
solids, 4-?: 
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Properties of Metallic crystals 
Metals are good conductors of 
electricity. When electric field is applied . 
between two ends of a metal then the 
mobile electrons begin to move towards 
the positive pole and the new electrons 
from the negative pole take their place 
Fig. (4.21a) Sometimes, the electrical 
conductivity of metals decreases with 
the increase in temperature. The reason 
is that with the increase in temperature 
the positive metal ions also begin to Se ers Geass 
oscillate and the motion hinders the free © 
movement of mobile electrons between the positive ions. This hindrance decreases the 
electrical conductivity. L 
Thermal conductivity is another property associated with metallic solids. Whena 
piece of metal is heated at one end, the mobile electrons at this end absorb heat energy 
and move very rapidly through the metallic lattice towards the cooler end. During the 
process they collide with adjacent electrons and transfer their heat energy to them. 
Whenever the metals are freshly cut, most of them possess metallic luster which 
means that they have a shining surface. When light falls on the mentite surface, the 
incident light collides with the mobile ; oh Retyane lores | 
electrons and they are excited. These 
electrons when de-excited give off some 
energy in the form-of light. This light 
appears to be reflected from the surface 
of the metal which gives a shining look. — | [Agrsetie 
Metals are malleable and ductile |) 995 
whenever stress is applied on them. 
Their layers slip pass each other. The 
Structure of the metal changes without 
fracturing as shownintheFig.(4.21b). | 


Structure of Metals 
































Fig(4.21b) Deformation of metal structures 


In the previous article of metallic voli we have learnt that metal atoms are Sergedi ina 
definite pattern, Free electrons are roaming about in the crystal lattice. So a metal may be 
regarded as an assembly of the positively charged spheres of identical radii which “ 
packed together to fill the space as completely as possible. 

To understand the closed packing of atoms in metal structures, letus suppose that 
the metal atoms are like hard spherical balls. Take twelve spherical balls and p ackthem 
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is shaken, the balls will rearrange as shown in 
Fig (4.22 b). The arrangement of these balls is now 
stable and more closely packed. It is the natural 
tendency of the balls to have closely packed 
arrangement of eleven spheres after shaking. 

In order to understand, how various unit 
cells of the crystal lattice are developed, consider 
three balls which join together in one plane. The 
fourth ball is inserted inthe space created by the 
other three as a second layer. In this way tetrahedral 
structure is obtained Fig (4.22 c). Actually, the 
fourth ball of the second layer is placed in the 
depression created by the first three balls. These 
depressions are also called interstices or crevices or 
voids. 

Consider the Fig (4.22 d) in which eleven 
balls of Fig. (4.22 b) are present in the first layer 
(circles with shade). The balls of the second layer 
(circle without shade) can fit into the depressions or 
interstices created by the first layer. When the balls 
of the second layer are arranged, then all the 
depressions of the first layer are not occupied. There 
are two types of depressions as ‘a’ and ‘b’. The 
depressions marked ‘b’ are not occupied by the 
second layer and one can see the ground from 
looking at the top through depressions ‘b’. The new 
depressions marked ‘a’ are created by the second 
layer. Through the depressions ‘a’, we can not see 
the ground, but balls of the first layer. — 

Now arrange the balls of third layer in the 
depression of second layer. 

When the balls of the third layer are placed 
above the second layer then there are two 
possibilities. 

Third layer balls may be accommodated i in 
‘a’- type or “b’-type interstices or depressions. 


(i) | Cubic Close Packing 
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Larger 
spacing 






Fig (4.22 a) Packing of twelve 
sphere in a box (two 
dimensional view) 





Smaller 
spacing 





Fig (4.22 b)Packing of eleven 
spheres in a box ( two 
dimentional view) 





Fig (4.22 c) The formation of a 
tetrahedral site, due to four balls 





Fig (4.22 d) Close packing of 
spheres, showing 11 balls in 
first layer and 6 balls in second layer 


When the atoms of the third layer fit into the interstices marked b, then the atoms of the third 
layer will not lie directly above those of the atoms of first layer. This pattern of arrangement 

is called ABC ABC-----— or 123 123-------, It is named as face centred cubic arrangement 
Fig. (4.23a). The balls of ees seventh and tenth layers will be in front of each other. 
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Fig (4.23 a) Cubic close packing or ‘ 
Face centred cubic Pesach (ABCABC sles) Fig (4.25'b) Hexagonal cies packing (SECS) 


(ii) Hexagonal Close Packing 

When the atoms of the third layer are arranged in such a way that they occupy the 
depressions created by the second layeri.e., in the ‘a’ types crevices then these atoms will 
directly lie above the atoms of first layer. This pattern of arrangement is usually written as 
ABAB ....... or 1212. This pattern has been named as hexagonal close packing 
Fig(4.23b). The balls of third, fifth, seventh layers will be in front of each other. 
Comparison of Properties of Various Types of Crystals 

The following table gives a view of the comparison of properties of four types of 
crystals. 
Table (4.9) Type of Crystalline Solids 


Type of Intermolecular | Typical Properties _ 
Solid Particles Forces 


Metallic cations plus metallic hardness varies from soft to 
delicalized bons 


















Very hard; melting points 
varied from low to very high; 
lustrous; ductile; malleable; 
very good conductors of heat 








electrons 


electrostatic 
attractions 


cations and 
anions 


hard; moderate to very high 





of electricity (but good electrical 
conductors in molten state) 













soft; low melting points: 





London and/or 







molecules inode ge) 












(atoms of dipole-dipole |nonconductors of heat and bevitarbanl Me 
noble gases) electricity; sublime easily 3, with et i ’ 
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he u 





LIQUIDS AND SOLIDS Chemistry-XI 


4.8 Determination of Avogadro’s Number (N,) 

Avagadro number can be calculated in a number of different ways. One of the 
most accurate methods for determining this number is based on the study of crystalline 
solids. 

In order to calculate this number, we need to know the volume of one gram-mole 
ofa crystalline solid and the distance between its atoms or ions in the crystal lattice. 

The volume of one gram-mole of a solid can be calculated from its density while 
the spacing between its atoms can be measured by X-rays. 

The method of determining Avogadro’ s number is explained with a help of 
following solved example. The crystal of LiF is accurate cubic and can be used to 
calculate the Avogadro’s number. 


Example: | 

The density of LiF is 2.65 gcm”. Itis made up of cubic array of alternate Li’ and F 
ions and the distance between these ions is 2.01 A (2.01 x 10° cm). Calculate the 
Avogadro’snumber. _ 


Solution: - 


The formula mass of LiF = 6.939 + 18.9984 

- 25.9374 gmol' 
Density of LiF = 2.65gcm" 
From the density and molar mass, calculate the volume of 1 mole of solid LiF 

The volume occupied 
byoneformulaunitofLiF = 25.9374g mol" 
2.65gcm 
= 9.788 cm’ mol’ 


From this volume, we can calculate the edge length of the cube. 
For this, we suppose that 9.788cm’ of LiF i.e., 1 mole of Lif, is present in the form 
ofa cube. The cube root of this volume will give the length of one edge of cube. 


ge lengthofthecube=.. ~/9.788cm’ 
= 2.139cm 


The ined of ions of both Li’ and F on one edge length can be Gilculated by 
dividing the edge length by distance between ions. 

Hence, the number of (Li’ andF )i ions 

along one edge length bar 


= 21 39cm 
2.01x10~cmion" 
- = 1.064x10° 
I When we ake the bests: ions we get the total number ofions i.e. Li* and 
Finth "inthe cube. 


— Pm — — ~~ —- 
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Total number (LiF) of ions in the cube = (1.064x10°) 
= 1.204x10™ 
Since the cube of LiF crystal contains one Avogadro’s number of Li’ and one 
Avogadro’s number of F’ , so the Avogadro’s number will be 


1.204 10” = 6.02x10” 
2 
KEY POINTS 
I. Among three states of matter i.e. gases, liquids and solids, the intermolecular 


attractive forces in the gases are negligible. In liquids intermolecular forces are 
Strong enough to keep the molecules close together. Anyhow, the molecules in 
liquids are free to move with respect to one another. In solids the particles occupy 
specific locations in three dimensional arrangement. Molecules in liquids are 
free to move with respect to one another. In solids the particles occupy specific 
locations in three dimensional arrangement. 

2. There are four types of intermolecular forces i.e. dipole-dipole forces, London 
dispersion forces, hydrogen bonding and Ion-dipole forces. The relative 
Strengths of dipole-dipole and dispersion forces depend upon the polarity, 
polarisability, size and shape of the molecules. Hydrogen bonding occurs in 
Compounds containing O-H,N-H,H-Fbonds. 

3 The vapour pressure of a liquid measures the tendency ofa liquid to evaporate. It 
is the pressure exerted by the vapours on the surface of a liquid when the rate of 
evaporation is equal to the rate of condensation. A liquid boils when its vapour 
pressure equals the external pressure. 

4. Many crystalline solids melt to give a turbid liquid before melting to give a clear 
liquid. These turbid liquids possess some degree of order and are called liquid 
crystals. Liquid crystals have the fluidity’ of liquids and the optical properties of 
solids. 

S. In crystalline solids the particles are arranged in a regular and repeating manner. 
The essential structural features of a crystalline solid can be represented by its 
unit cell. The three dimensional array of points representing atoms, ions or 
molecules is called crystal lattice. The points in the crystal lattice represent 
positions in the structure where they have identical environments. 

6. The simplest unit cell is a cubic unit cell. There are seven crystal systems overall. 

7. The properties of solids depend on the arrangement of particles and the attractive 
forces between them. Ionic solids are hard and brittle and have high melting 
points. Covalent solids consist of atoms held together by covalent bonds and 
these bonds extend throughout the solid. They are hard and have high melting. 


points. Metallic solids consist of metal cations immersed inasea: steers rae: 


a 
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give a wide range of properties. Molecular solids consist of atoms or molecules 
held together by intermolecular forces. 


EXERCISE 
(QUESTIONS ON LIQUIDS) 

Ql. Choose the best answers from the given choices. 
(i) London dispersion forces are the only forces present among the: 

(a) molecules of water in liquid state 

(b) atoms ofhelium in gaseous state at high temperature 

(c) molecules of solid iodine 

(d) molecules ofhydrogen chloride gas 
(ii) | Acetone and chloroform are soluble in each other due to: 

(a) intermolecularhydrogenbonding (b) _ ion-dipole interaction 


(c) instantaneous dipole (d)  alloftheabove 
(iii) | NH,showsamaximum boiling point among the hydrides of V" group elements duet to: 
(a) very small size ofnitrogen (b) lone pair of electrons present on nitrogen 


(c) enhanced electronegative character of nitrogen 
(d) pyramidal structure of NH, 
(iv) | When water freezes at 0°C, its density decreases due to: 
(a) cubicstructureofice (b) emptyspacespresentinthe structure ofice 
(c)  changeofbondlengths (d) change ofbond angles 
(v) In order to raise the boiling point of water upto 110°C, the external pressure 


shouldbe: 
(a) between 760torrand1200torr (b) between200torrand 760 torr 
(c)  765torr (d) any value of pressure 
Q2. Fillin the blanks with suitable words. 
(i) The polarizability of noble gases down the group and results in the 
_ increase in their boiling points. 
(ir) is developed in acetone and chloroform when they are mixed together. 


(iii) Exceptionally weak__ of HF is due to strong hydrogen bonding present in it. 
(iv) ise namic mic equilibrium i is the ultimate __ ofall reversible systems. 










a 


ti on of ice | from mids water there is leet -% increase in 


-___athigh temperatures. 
ane iejie, water pareaieath for further heat 
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(ii) | The ion dipole interactions are responsible for the dissolution of an ionic 
substance in water. 
(iii) | Thehigh polarizability of iodine is responsible for its existence in solid form and 
its difference from other halogens. 
(iv) | Thestrong hydrogen bonding in H,S makes it different from water. 
(v) Hydrocarbons are soluble in water because they are polar compounds. 
(vi) The viscosities of liquids partially depend upon the extent of hydrogen bonding. 
(vii) Thestate of equilibrium between liquid state and vapours is dynamic in nature. 
(viii) Heat of vapourization of liquids depend upon the intermolecular forces of 
attraction present between their molecules: 
(ix) Ice does not show any vapour pressure on its surface at -1°C. 
(x) Boiling point ofa liquid is independent of external pressure. 
Q4 (a) What type of intermolecular forces will dominate in the following liquids. 
(i) Ammonia, NH, (ii) Octane, C,H,, (iii) | Argon, Ar 
(iv) Propanone,CH,COCH, (vy) Methanol, CH,OH 
(b)Propanone (CH,COCH,),propanol (CH,CH,CH,OH) and butane 
(CH,CH,CH,CH,) 
have very similar relative molecular masses. List them in the expected order of 
increasing boiling points, Explain your answer. 
Q.5 Explain the following with reasons. 
(i) In the hydrogen bonded structure of HF, which is the stronger bond: the shorter 
covalent bond or the longer hydrogen bond between different molecules. 
(ii) | Inavery cold winter the fish in garden ponds owe their lives to hydrogen bonding? 
(iii) | Water and ethanol can mix easily and in all proportions. 
(iv) The origin of the intermolecular forces in water. 
Q6 (a) Briefly consider some of the effects on our lives if water has only a very weak 
hydrogen bonding present among its molecules. 

(b) All gases have a characteristic critical temperature. Above the critical 
temperature it is impossible to liquefy a gas. The critical temperatures of f carbon 
dioxide and methane are 31.14 °C and -81.9 °C, respectively. Which gas has the 
stronger intermolecular forces? Briefly explain your choice? 

Three liqui perties mentioned against theirnames_ = 


Molecular Formula 

Relative molecular mass (a.m.u.) 
Enthalpy change of 
yapourization (kJ mol ‘) 

Boiling point (°C) 


(a) What type ofintermolec ilar for 
(i) water Gi) ] 
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(c) Ifthe liquids are shaken together in pairs: 

(i) Which pair would be unlikely to mix? 

(ii) Explain this immiscibility in terms of the forces between the molecules. 

(iii) Choose one of the pairs that mixes and indicates whether the enthalpy 

change on mixing would be positive or negative. 
Q8 Describe the various forces responsible for keeping the particles together in the 
following elements and compounds and their effects on physical properties making use 
of the data below. 
a ea 





Water 
Sodium fluoride 
Diamond 





Q9 The boiiing points and molar masses of hydrides of some first row elements are 
tabulated below: 

CH, 109 16 

NH, 240 17 

373 

Suggest reasons for the difference in their boiling points in terms of the type of 
molecules involved and the nature of the forces present between them. 
Q10 Explain the term saturated vapour pressure. Arrange in order of i increasing 
vapour pressure: | dm’ water, 1 dm’ ethanol, 50 cm’ water, 50 cm’ ethanol aoe 50 cm’ of 
ether. 
Ql1_ _While‘a volatile liquid standing in a breaker evaporates, the temperature of the 
liquid remains the same as that of its surrounding. If the same liquid is allowed to 
vapourize into atmosphere i in an insulated vessel, its temperature falls below that of i its 
STOUT, Explain the difference in behaviour. 
i —Q12 "How does hydrogen bonding explain the following indicated profferties of the 
it rs) ‘substances? — 
tae Structure of DNA - (ii) | Hydrogen bonding in proteins 
x iii) _ Formation ofice andits lesser density than liquid water 
re Solubilities of compounds 
" ar e liquid crystals? Give their uses in daily life. 
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(v) One feels sense of cooling under the fan after bath. 

(vi) » Dynamic equilibrium is established during evaporation of a liquid in a 
closed vessel at constant temperature. 

(vii) The boiling point of water is different at Murree hills and at Mount 
Everest. 

(viii) Vacuum distillation can be used to avoid decomposition of a sensitive 
liquid. 

(ix) | Heat ofsublimation ofa substance is greater than its heat of vaporization. 

(x) | Heat ofsublimation ofiodine is very high. 


(QUESTIONS ON SOLIDS) 


Ql. Multiple choice questions: 
(i) Ionic solids are characterized by 
(a) lowmeltingpoints (b)  goodconductivity in solid state 
(c) high vapour pressures (d) _ solubility inpolarsolvents 
(ii) | Amorphous solids: : 
(a) have sharp melting points 
(b) undergo cleancleavage when cut with knife 
(c) have perfect arrangement of atoms 
(d) canpossess_ small regions of orderly arrangement ofatoms 
(iii) | The molecules of CO, in \ dry ice form the: 
(a) ionic crystals (b)  covalentcrystals 
(c) molecularcrystals (d) any typeofcrystal 
(iv) Which of the following is a pseudo solid? 
(a) CaF, (b) Glass (c) NaCl (d) All 
(v) Diamond isa bad conductor because: a , 
(a) ithasatightstructure (b)  ithas ahighdensity © 
(c) there are no free electron present in the ceysel of diamond foiconduch: 


electricity We aS ela : 
(d) is transparent to light Ss = & L ' 
Qo, Fillin the blanks. PMT sn 
(i) In a crystal lattice, the number of nearest ssighbours (0 each a om m0 is a 
Called thensaamane ne te 


aa 
(ii) | Thereare Bravislattices:. a) 9 = 0 1 28 


(iii) | Apseudo solid is regarded as ‘liquid; hee? ol 

(iv) | Glass may begin to crystallize byaprocesscalled _ . 

(v) Crystalline solids abe SAIL Sse wee — : 
called £ Ks = 

(vi) The branch of science ce hi og 
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called crystallography. 

Q.3 Indicate True/False as the case mav be: 

(i) There are five parameters in unit cell dimensions ofa crystal: 

(ii) Ionic crystals are very hard, having low volatility and very low melting and boiling 
points. 


(iii) | The value of lattice energy ofthe ionic substances depends upon the size of ions. 
(iv) Molecular orbital theory of solids is also called band theory. 

(v) _ lonicsolidis good conductor of electricity in the molten state. 

Q.4 What are solids? Give general properties of solids. How do you differentiate 
between crystalline solids and amorphous solids? 

Q5(a) Explain the following properties of crystalline solids. Give three examples in 
each case. 


(i) Anisotropy (v) Polymorphism 

(ii) Cleavage (vi) Transition temperature 
(iii) | Habitofacrystal (vii) Symmetry 

(iv) JIsomorphism (viii) Growing ofacrystal 


(b) How polymorphism and allotropy are related to each other? Give examples. 
Q6 (a) Define unit cell. What are unit cell dimensions? How the idea of crystal lattice is 
developed from the concept of unit cell? 
b) Explain seven crystal systems and draw the shapes of their unit cells. 
Q7 (a) What are ionic solids? Give their properties. Explain the structure of NaCl. Sketch 
a model to justify that unit cell of NaCl has four formula units in it, 
(b) Whatare covalent solids? Give their properties. Explain the structure of diamond. 
(c) What are molecular crystals? Give their properties. Justify that molecular crystals 
are softer than ionic crystals. 
Q8(a) Give different theories of a metallic bond. How does electron sea theory justify the 
electrical conductivity, thermal conductivity and shining surfaces of metals? 
(b) Explain with the help ofa diagram 
(i) Cubic close packing in the structure of metals. 
(ii) Hexagonal close packing in the structure of metals. 
Q9 Crystals of salts fracture easily but metals are deformed under stress without 
fracturing. Explain the difference. . 


Q10 What i is the coordination number of an ion? What is the coordination number of 
the cation in (a) NaCl atrhohite® and (b) CsCl! structure? Explain the reason for this 
nce? 
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Q12__— Explain the following with reasons: ; 


(i) 


(ii) 
(iii) 
(iv) 
(v) 
(vi) 
(vii) 
(viii) 
(ix) 


(x) 
(xi) 


(xii) 
(xiii) 
(xiv) 


(xv) 








Sodium is softer than copper, but both are very “good electrical 
conductors. 

Diamond is hard and an electrical insulator. 

Sodium chloride and caesium chloride have different structures, 

Iodine dissolves readily in teterachloromethane. 

The vapour pressures of solids are far less than those of liquids. ~ 
Amorphous solids like glass are also called super cooled liquids. 
Cleavage of the crystals is itself anisotropic behaviour. 

The crystals showing isomorphism mostly have the same atomic ratios. 
The transition temperature is shown by elements having allotropic forms 
and by compounds showing polymorphism. NAT SY PEPE 
One of the unit cell angles ofhexagonal crystal is 120°. _ 
The electrical conductivity of the metals decreases by increasing 
temperature. ae 
In the closest packing of atoms of metals, only 74% space is occupied. — 
Ionic crystals don’t conduct electricity in the solid state. Tei 

Ionic crystals are highly brittle. i See oy dl 
The number of positive ions surrounding the negative i ion in the S ionic 


crystal lattice depends upon the sizes. ofthe two ions. - i shove 
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Chapter 5 


ATOMIC STRUCTURE 


5.1 SUB-ATOMIC PARTICLES OFATOM 
We are familiar with the nature of matter, which is made up of extremely small 
particles called atoms. According to Dalton’s theory, atoms were considered to be 
ultimate particles which could not be divided any further. Our ideas about structure of 
’ atom have undergone radical changes over the years. A number of subatomic particles 
have been discoyered, The experiments which led to the discovery of electron, proton 
and neutron are described below. 


5.1.1 Discoveryar Electron (Cathode Rays) 

A gas discharge tube is fitted with two metallic electrodes acting as cathode and 
anode. The tube is filled with a gas, air or vapours of a substance at any desired pressure. 
The electrodes are connected to a source of high voltage. The exact voltage required 
depends upon the length of the tube and the pressure inside the tube. The tube is attached 
to a vacuum pump by means of a small side tube so that the conduction of electricity may 
be studied at any value of low pressure Fig (5.1). 

It is observed that current does not flow through the gas at ordinary pressure even 
at high voltage of 5000 volts. When the pressure inside the tube is reduced and a high 
voltage of 5000- 10000 volts is applied, then an electric discharge takes place through the 
gas producing a uniform glow inside the tube. 
When the pressure is reduced further to about 0.01 
torr, the original glow disappeares. Some rays are 

produced which create fluorescence on the glass 


“a Cathode 
wall opposite to the cathode. These rays are called DQ atin me 
cathode rays. The colour of the glow or the a tee 
fluorescence produced on the walls of the glass J cweseiens 


tube, depends upon the composition of glass. 


+ aor of Cathode Sek 
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1. Cathode rays are negatively charged. In , 
1895, J Perrin showed that when the cathode 
rays passed between the poles of the magnet, the 
path of the negatively charged particles was 
curved downward to point 2 by the magnetic | , 
field. Fig (5.2). 

In 1897, J. Thomson established their 
electric charge by the application of electric 
field, the cathode ray particles were deflected | 
upwards (towards the positive plate) to point 3. 
Fig (5 2). Fig (5.2) Deflection of cathode rays 

Thomson found that by carefully in electric and magnetic fields 
controlling the charge on the plates when the 
plates and the magnet were both around the tube, he could make the cathode rays strike 
the tube at point | again Fig (5.2). In other words, he was able to cancel. the effect of the 
magnetic field by applying an electric field that 
tended to bend the path of the cathode rays in the 
opposite direction. 

2. They produce a greenish fluorescence 
on striking the walls of the glass tube. These rays 
also produce fluorescence in rare earths and 
minerals. When placed in the path of these rays, el 
alumina glows red and tin stone yellow. Fig (53) Cathode rays cast 
33 Cathode rays cast a shadow when an a shadow of an opaque object — 
opaque object is placed in their path. This proves 
that they travel in a straight line perpendicular to 
the surface of cathode Fig (5.3). 

4. These rays can drive a small paddle 
wheel placed in their path. This shows that these 
Tays possess momentum. From this observation, 
it is inferred that cathode rays are not rays but 
Material particles having a definite mass and 
velocity Fig (5.4). 

3 Cathode rays can produce X-rays when 
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10. Thee/m value of cathode rays shows that they are simply electrons. J. J. Thomson 
concluded from his experiments that cathode rays consist of streams of negatively 
charged particles. Stoney named these particles as electrons. Thomson also determined 
the charge to mass ratio (e/m) of electrons. He found that the e/m value remained the 
same no matter which gas was used in the discharge tube. He concluded that all atoms 
contained electrons, 


5.1.3 Discovery of Proton (Positive Rays) 

In 1886, German physicist, E. Goldstein took a discharge tube provided with a 
cathode having extremely fine holes in it. puna aa tlna wae 
When a large potential difference is] seresuitofionization Cathode rays 
applied between electrodes, it is observed 
that while cathode rays are travelling 
away from cathode, there are other rays 
produced at the same time. These rays 
after passing through the perforated 
cathode produce a glow on the’ wall 





Fig (5.5) Production of positive rays 
Opposite to the anode. Since these rays pass through the canals or the holes of cathode, 
they are called canal rays. These rays are named as positive rays owing to the fact that 
they carry positive charge Fig (5.5). 
Reason for the Production of Positive Rays 

__ These positive rays are produced, when high speed cathode rays (electrons) 
strike the molecules. of a gas enclosed in the discharge tube. They knock out electrons 
from the gas molecules and positive ions are produced, which start moving towards the 
cates ihe = 5). a: a 


’ 


ee Mtex —— M+ 2e 










3.1.4 Properties of Positive Rays L : 
1. The} are deflected by an electric as well as a magnetic field showing, that these 
i)» sare. ayciereet 


The s travel ina straight line ina direction ppposite to the cathode rays. 

3 "hey oretings tases onZnS plate. 

ot ors for the positive rays is always smaller than that of electrons and 
ends upo! ature of the gas used in the discharge tube. Heavier the gas, smaller 
1 gas is U used in the discharge tube, the e/m value is found to 
! other gas because the value of ’m’ is the lowest for 
the hy gen gas. Hence the positive particle 
ng all the positive particles. This particle 
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5.1. 5 Ti iscove nf Mins fron 


Proton and electron were discovered in 1886 and their properties were 
completely determined till 1895, Itis very strange to know that upto 1932 it was thought 
that an atom was composed of only electrons and protons, Rutherford predicted in 1920 
that some kind of neutral particle having mass equal to that of proton must be present in 
an atom, because he noticed that atomic masses of atoms could not be explained, if it 
were supposed that atoms had only electrons and protons. 


Chadwick discovered neutron in 1932 and was awarded Nobel prize in Physics in 
1935, 


Experiment - 

A stream of a-particles produced from a polonium source was directed at 
beryllium ({Be) target. It was noticed that some penetrating radiations were produced. 
These radiations were called neutrons because the charge detector showed them to be 
neutral Fig (5.6). The nuclear reaction is as follows. 

3He + {Be —> (C+ jn 
(a-particle) 
Polonium metal, a 


source of a-particles Beryllium target 
| (78e) 


; Neutrons Charge detector ‘ | 


a-particles 


Lead Block hes oo Sb Thad Gill! E 





tine 
to lee 


Fig (5.6) Bombardment of Be with a- fein and Neeser of neutron 





Actually, a-particles and the nuclei of Be ate re-arranged and extra n ne eutron is _ 

emitted. att witrhyht'g to ge SoM ‘ 

5.1.6 Properties of Neutron Trl Vo heanaar anal nde bed 

l. Free neutron decays into aproton (. 'P) with the emissonofanclston .¢) and ; 
neutrino (jn). | > ROT Lede comnese 

nett IP + se + in OF oreo UNG 

2: Neutrons cannot ionize gases. 

3. Neutrons are highly penetrating particles. ‘eral 

4. They canexpel high speed protons from par in 

Sivw ie When: neutrons ee with an oe 
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produced. 
‘+n > "B+ ‘He 
7, When slow. moving neutrons hit the Cu metal, gamma y radiations are emitted. The 
radioactive $;Cu is converted into “Zn 
Cu+ jn —> “Cuthy — (7-radiations) 
33Cu ——> $Zn+ fe 
Actually, neutron is captured by the nucleus of ;Cu and %Cu is produced. This 
radioactive “Cu emits an electron (B-particle) and its atomic number increases by one 
unit. Because of their intense biological effects they are being used in the treatment of 
cancer. 


5.1.7 Measurement of e/m Value of Electron 
In 1897, J. J..Thomson devised an instrument to measure the e/m value of 
electron. The apparatus consists ofa discharge tube shown in Fig (5.7). The cathode rays 
are allowed to pass through electric and magnetic fields. When both the fields are off then 
a beam of cathode rays, consisting of electrons, produces bright luminous spot at P, on 
the fluorescent screen. The north and south poles of magnetic field are perpendicular to 
the plane of paper in the diagram. The electrical field is in the plane of paper. When only 
magnetic field is applied, the cathode 
Trays are deflected in a circular path 
and fall at the point P,. When only 
electric field is applied, the cathode 
trays produce a spot at P,. Both electric 
» and magnetic fields are then applied 
simultaneously and their strengths 


Evacuated 





adjusted in such a way that cathode discharge bulb 
rays again hit the pointP,. a ee 

In this way by comparing the electric field 
strengths’ of the two fields one can Fig (5.7) Measurement of e/m value 
determine the e/m value of electrons. Sianielectroniby 4S" Thomson 


It comes out to be 1.7588 x 10" coulombs kg’. This means that 1 kg of electrons have 
1.7588x 10" coulombs of charge. 


5.1.8 Measurement of Charge on Electron-Millikan's Oil Drop Method 
In 1909, Millikan determined the charge on electron by a simple arrangement. 
The apparatus consists of a metallic chamber. It has two parts. The chamber is filled with 
air, the pressure of which can be adjusted by a vacuum pump. There are two electrodes 
. , : es areused to generate an electrical field in the space between the 
re lectrodehasa hole initas shown in Fig (5.8). 
pray of ol aropl ets sis created 


e ooE an aS Wouizer, A few droplets passes 
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through the hole in the top plate and into the region between the charged plates, where 
one of them is observed though a microscope. This droplet, when illuminated 
perpendicularly to the direction of view, appears in the microscope as bright speck 
against a dark background. The droplet falls under the force of Stay aMOUS SDPn 
the electric field. The velocity of the droplet is "FN ihetame 

determined. The velocity of the droplet (V,) nares 
depends upon its weight, mg. Hs 

Vp SME ssnseaee (1) 
where ’m’ is the mass of the droplet and ‘g’ is the a 
acceleration due to gravity. After that the air Microscope 
between the electrodes is ionized by X-rays. The ; : Rear 
. ' : Xrays~ 
droplet under observation takes up an electron ~“* "~~ 2 , 
and gets charged. Now, connect A and A’ to a ae ee aaatiba eiaharee piece 
battery which generates an electric field having a strength, E. The droplet moves upwards 
against the action of gravity witha velocity (V,). 
Vo. Reig. | seas: (2) 
where ‘e’ is the charge on the electron and Ee is the upward driving force on the droplet due to 
applied electrical field of strength E. 
Dividing equation’(1) by (2) 
‘M__ mg 
aes (3) 
: v, Ee-mg 
The values of v, and v, are recorded with the help of microscope. The factors like g and E 
are also iniown: Mass of the droplet can be determined by varying the electric field in 
such a way that the droplet is suspended in the chamber. Hence ‘e’ can be calculated. 
By changing the strength of electrical field, Millikan found that the charge on 

each droplet was different. The smallest charge which he found was 1.59 x 10” 
coulombs, which is very close to the recent value of 1. 6022 x 10” ecules us 






than one electron on them, have double or triple the amount of this charge. Th 
present on an electron is the smallest charge of electricity that has Decne 
Mass of Electron 


_ 1.7588x 10" coulombs kg". So, nies ai 
e_ 1.6022 x 10" coulombs wg eae 


= =1,7588x10" coulombs kg” 
m Mass ba @ eal bebe >" 
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Properties of Fundamental Particies 


The Table (5.1) shows the properties of three fundamental particles electron, 
proton and neutron present in an atom. 


- Table (5.1) Properties of three fundamental particles 


| Proton | +1.6022.x 10°” 4.6726 x 10” 1.0073 

















| Electron | -1.6022x 10°". 9.1095x10" | 5.4858x10" 


5.27 Rutherford's Model of Atom (Discovery of Nucleus) 

In 1911, Lord Rutherford performed a classic experiment. He studied the 
scattering of high speed a-particles, which were emitted from a radioactive metal 
(radium or polonium). 

A beam of a-particles was directed 








onto a gold foil of 0.00004 cm thickness as =f 
target through a pin-hole in lead plate, ES 
Fig (5.9). oe 
| A photographic plate or a screen a 
coated with zinc sulphide was used as a | + ee 
» detector. Whenever, an a-particle struck the ee x () Sl ari 
screen, flash of light was produced at that 


Fig (5.9) Rutherford's experiment for 
scattering of O-partices 


point. It was observed that most of the 
particles went through the foil undeflected. 
Some were deflected at fairly large angles and a few were deflécted backward. 
Rutherford proposed that the rebounding particles must have collided with the central 
heavy portion ofthe atom which hecalledasnucleus. _ 
On the basis of these experimental observations, Rutherford proposed the 
y planetary model (similar to the solar system) for an atom in which a tiny nucleus is 


Bagevie.. eA jo, 


: surrounded by an appropriate’number of electrons. Atom as a whole being neutral, 


therefore, the nucleus must be having the same number of protons as there are number of 







del for the structure of an atom, the outer electrons could not be 
would gradually be attracted by the nucleus till they ultimately 
le atomic s uct e the electrons were supposed to be 
he ear ator 1 of Rutherford was a big step 

ehaviour of electrons remained 


‘ 









a 
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Rutherford’s planet-like picture was Electron ’ 
defective and unsatisfactory because the moving 
electron must be accelerated towards the nucleus Fig 
(5.10). 

Therefore, the radius of the orbiting electron 
should become smaller and smaller and the electron 
should fall into the nucleus. Thus, an atomic structure 
as proposed by Rutherford would collapse. 


5.3. PLANCK'S QUANTUM THEORY 

Max Planck proposed the quantum theory in 1900 to explain the emission and 
absorption of radiation. According to his revolutionary’ theory, energy travels in a 
discontinuous manner and it is composed of large number of tiny discrete units called 
quanta. The main points of his theory are: : 
(i) Energy is not emitted or absorbed continuously. Rather, it is emitted or absorbed 
in a discontinuous manner and in the form of wave packets. Each wave packet or 
quantum is associated with a definite amount of energy. In case of light, the quantum of 
energy is often called photon. 
(ii) | The amount of energy associated with a quantum of radiation is proportional to 
the frequency (v) of the radiation, Frequency (v) is the number of wayes passing through 
a point per second. 





Fig (5.10) Rotation of electron around 
the nucleus and expected spiral path 


‘ 


\ 


=F paccueny, 


EE = hivici ere (4) 
_ Where ’h’ is a constant knowns Planck’s constant and its value is 6. 626x1 o* Js. 
It is, in fact; the ratio of energy and the frequency ofa photon. wncnepahe HT 
(iii) | Abodycanemitorabsorbenergy onlyintermsofquanta, = = = 
E -hv ¥ 
er. “ieee ‘ifn OOH 
The frequency ‘v’is a tothe ruil sia of fhe photonas Sareea 
y= 


Greater the wavelength, smaller the frequency of} el on pee vei 


So, E=hce/A ! ore texan ~~ 

Wavelength is the distance between the ‘two adja cen crests or troughs and 
expressed inA, nm orpm. (1A=10""m, Inm=10" 'm, lpm 10 o"m al wi 

) Neapet the worlaae seas ith ton, s 
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Greater the wave number of photons, greater is the energy associated with them. The 
relationships of energy, frequency, wavelength, wave number about the photon of light 
are accepted by scientists and used by Bohr in his atomic model. 


5.4 BOHR’SMODELOFATOM 
Bohr made an extensive use of the quantum theory of Planck and proposed that 
the electron, in the hydrogen atom, can only exist in certain permitted quantized energy 
 Jevels. The main postulates of Bohr’s theory are: 
@ | _ Electron revolves.in one of the circular orbits outside the nucleus. Each orbit has 
afixed energy and a quantum number is assigned to it. 
(ii), a} Electron present in-a particular orbit neither emits nor absorbs energy while 
1 __/ moving in the same fixed orbits. The energy is emitted or absorbed only when an electron 
at jumps from one orbit to another. 
“(iii) When an electron jumps, the energy change AE is given by the Planck’s equation 
aN oe <= 5s RS nero (7) 
Where AE is the energy difference of any two orbits with energies E, and E, 
Energy is absorbed by the electron when it jumps from an inner orbit to an outer 
orbit and is emitted when the electron jumps from outer to inner orbit. 
Electron can revolve only in those orbits having a fixed angular momentum 
(myr). The angular momentum of an orbit depends upon its quantum number and 
itis an integral multiple of the factor h/2 mi.e. 


nh 
aS. | oO ae 8 
myvr - (8) 


| Wheren= [V3 emaagssst h 2h 3h 


ermitied values of angular momenta are, therefore, —,——.= «+ 
Thep gu 2n 2x 2 


‘The electron is bound to remain in one of these orbits and not in between them. So, 
angular momentum is quantized. 


Derivation of Radius and Energy of Revolving Electron in nth Orbit. 


’ . we applying t these ideas, Bohr derived the expression for the radius of the nth 











Bat consider: an electron of 


z around the nucleus having 


Are. 
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Zee Ze? ; = 
4n€,r° 4ne,r* i 


<2 SEERA ai, Se 7 


€, is the vacuum permittivity and its value is 8.84 x 10"°C’J'm".This force of attraction is 
balanced bythe ™V__ Therefore, for balanced conditions, we can write: 


or r mv2 Ze 
r 4n Cate 
2 
my? 7 28° sarin OREM ) ee 
Rearranging the equation (9) x 
= i eianeee (10 
An €, mv" (10) 


According to equation (10), the radius of a moving electron is inversely proportional to 
the square ofits velocity. It conveys the idea, that electron should move faster nearer to the 
nucleus in an orbit of smaller radius. It also tells, that ifhydrogen atom has many possible 
orbits, then the promotion of electron to higher orbits makes itmove with less velocity. 
The determination of velocity of electron is possible while moving in the orbit. In 
order to eliminate the factor of velocity from equation (10), we use Bohr’s postulate Gy). 















The angular momentum of the electron is given by. sunt ae pes 
mv: ‘WG cepa 
2n ; 

Rearranging the equation of angular momentum 1 sistrcifien See " 
; : nh . ‘ + ’ , — « 
v= : ; *) TA pee ae a 

ec Uiredrhahy eee ; sakes te Ie 

Taking square Ay ae als nS 7 LA np 


and 


Substituting the value of y "from eq. dl 1)i ioe 


Rearranging the above equation, we get . satah oe, 
of, ; nay Wwhtr = x 

PorhydrogenatomZ= “1, sothe equato mn 
se ir WF es SH ei ak: 
Pe eesti af) Inu er oaths 
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* When we put the value of , h’, x, mand e’ alongwith the units then the calculations show 
thatit is equal to 0.529 x 10° mor 0.529 A. (10"°m=1A) 
Hence T=0.529 A(’) ..cecscsesseees (14) 
By putting the values ofmas 1,2.3,4............. the radii of orbits of hydrogen atom are 
n=l 1=0.529A n=-4 1r=84A 
m=2, ne2.1JA n=5 1,=13.22A 
n=3 1,=4.75A 
The comparison of radii shows that the distance between orbits of H-atom goes on 
increasing as we move from Ist orbit to higher orbits. The orbits are not equally spaced. 
ToT yi ge Mg ig mT gS vvcscccvececcescsncsenses 
The second orbit is four times away from the nucleus than first orbit, third orbit is 
nine times away. and similarly fourth orbit is sixteen times away. 


Energy of Revolving Electron 

The total energy of an electron in an orbit is composed of two parts, the kinetic 
energy which is equal to 4mvand the potential energy. The value of potential energy can 
be calculated as follows. 

The, electrostatic force of attraction between the nucleus and the electron is given by 
exe .If the electron moves through a small distance dr, then the work done for moving 
electron is given by zd 

ine je, because work = (force x distance) 

In order to calculate the potential energy of the electron at a distance r from the 
nucleus, we calculate the total work done for bringing the electron from infinity to a point 
ata distance r from the nucleus. This can be obtained by integrating the above expression 
between the limits of infinity andr. 

ies Ze*dr _ Ze? = Ze? ae t= Ze? | }- Ze 
Aner Anes, Po 4ne,|r|,, 4ne,r] 4ne,r 
seas - tig work doneis the posse lperzye of electron, so 














7 


Et 
the potenti energy of electron decreases, when it _ 
dis dona the nucleus. At infinity, the 
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So, E-Ei toe A 
ra . 
=~mv?._ 

2 4m €) i ah 


Now, we want to eliminate the factor of velocity from equation (16). So, from equation 
(9), substitute the value of mv’ in eq. (16) : 
Since 














MV =———_ranrecceees 9 
4ne,1 ©) 
Ze? Ze?” 
"8a €,I "An Eq 
MEM atATe Ze? 
Simplifying it, | cee (17) 


Now substitute the value ofr from eq (12) into eq (17) we get 












2 2 
Since pe A (12) 
 aaniZes 4 
ee ee ‘ 
=e ae (18) Than 
" 8egn7h +E EA hale 
Where E, is the energy of nth orbit. ta} 4+ 
For hydrogen atom, the number of protons in nucleus is one, so (Z; re ‘yan, 
417 quel ade , 
me’ | 1 =y 
E, ae os | au eS 5 ' 
8e, h Be hE ey A 


Eq.(19) gives the energy of electron revolving around au gal 
atom. The factors outside the brackets in equation (19) bs are all co ost 
of these constants are substituted along with theirunits, thenitcom Gom 
The equation (19) can be written as: i 4 










E,=-2.178x10" fe : 


ie ly 


This equation (20) gives te energy associa 







psa sie \ci st 

dp ito hen r BS 

aves rot eal neg a 
gira evew lie? 
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This energy is associated with 1.008g of H-atoms i.e. with Avogadro’s number of 
atoms of hydrogen. 
Substituting, the values of'n as 1, 2,3,4,5, etc. in equation (21), we get the energy 
associated with an electron revolving in Ist, 2nd, 3rd, 4th and Sth orbits of H-atom. 
1313.31 











E,=- 2 =-1313.31 kJmol™ 

E,=- 3 31 _ 328.32 kJmot" 

per = 31 145.92 kImot! 
1313.31 





E,= ro = -82.08 kJmol’ 


E,=- a3 # =A = -52-53kJmol™ 





] 
ES Sg Ogmol (electron is free from the nucleus) 
o* 





The values of energy differences between adjacent orbits can be calculated as 
follows ‘ 
E,-E, = (-328.32)-(-1313.31)=984.99 kJmol" 


E,-E,=(-145.92)-(-328.32) = 182.40 kJmol" 
s " E,-E,=(-82.08)-(-145.92) =63.84 kImol' 


» €,= -52.53 KJmol" 


The differences in the values of energy go SE "Ee48 Soko 
on ede from lowerto higher orbits. TT SRN | eoepeonal 


+ E,=-1313,31kJmol" 





EOE, BPE, E> etre nee 


iio tkk& Gest Me 


tose ey iterence between first and 
Bw infinite yis calculated as: . 

, <4 . —- 
 3e nels emeccene 1313.31 kJmot" 
> 1313. 31 idm is the ‘ionization energy of 





J 


en. This value is the same as determined Fig (5.12) Energy values associated with an 
<< daptiaty for ei etalemed ce _ electron in yanous orbits in hydrogen atom 


differences between aclaestt, orbits of Bohr’s 
psharply. 

et ces between adjacent orbits increase. ‘The ei (5.12) 
far mbt Ossie ya Pit tees ‘a 
eee te 
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so after passing through the prism, white light 
is splitted up into radiations of different 
wavelengths. 

The colours of visible spectrum are 

lviolét, indigo, blue, green, yellow, orange - 

and red and their wavelengths range from 400 © 
nm to 750 nm. In addition to the visible region 
of the spectrum, there are seven other regions. 
Ultraviolet, X-rays, y-rays and cosmic rays 
are towards the lower wavelength end of the 
spectrum and they possess the photons with . 3x10" a rsnt0-| 
greater energies. On the other side of the Into" 30x10" _ 3510" 
visible region, there lies infrared, microwave Fig (5.13) The visible and other 
and radio frequency regions. Fig (5.13) regions of spectrum 
shows the.continuity of wavelengths for all types of regions of spectrum. Hence, a visual 
display or dispersion of the components of white light, when it is passed through a prism 
is called a spectrum. 
Spectrum is of two types. 

(i) Continuous spectrum (ii) Line spectrum 


ere 





— i, a a Se 


5.5.1 Continuous Spectrum 
In this type of spectrum, the boundry line between the colours cannot be marked. 
The colours diffuse into each other. One colour merges into another without any dark 
space. The best example of continuous spectrum is rainbow. It is obtained from the e light 
emitted by the sun or incandescent (electric light) solids. It is the characteristic ofmatter — 


et ow oa 


in bulk. wine 


<~<— ——~- oo 


5.5.2 Atomic or Line Spectrum Lon ete 
When an element or its Ee is ese the li iter 


For example, line spectrum of sodium contains two yelloy 
definite distance. Similarly, the spectrum of nydrogenis 
different colours having different eae om ea ( 





~ 
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Atomic spectrum can also be observed when elements in gaseous state are heated 
athigh temperature or subjected to an electric discharge. 

There are two ways in which an atomic spectrum can be viewed. 
G)  Atomicemission spectrum 
(ii) Atomic absorption spectrum 





5.5.3 Atomic Emission Spectrum 

When solids are volatilized or elements in their gaseous states are heated to high 
temperature or subjected to an electrical discharge, radiations of certain wavelengths are 
emitted. The spectrum of this radiation contains bright lines against a dark background. 
This is called atomic emission spectrum. Fig (5.15) 





Fig (5.15) Atomic emission spectrum 
5.5.4 Atomic Absorption Spectrum 
__ Whenabeam of white light is passed through a gaseous sample of an element, the 
element absorbs certain wavelengths while the rest of wavelengths pass through it. The 
spectrum of this radiation is called an atomic absorption spectrum. The wavelengths of 
the radiation that have been absorbed by the element appear as dark lines and the 
y background is bright, Fig (5.16). 







ons or' or the Wavelengths of lines appearing in 
xactl y the s same In Sc oe these 


use the wavelengths are 
wy — 
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5.5.5 Hydrogen Spectrum , 

Hydrogen spectrum is an important exatnale of atomic pects When ie 
hydrogen is filled in a discharge tube at a very low pressure, a bluish light is emitted from > 
the discharge tube. This light when viewed rouge a eee shows: several 
isolated sharp lines. 

These are called spectral lines. The wavelengths of nese lines lie in the visible, 
ultraviolet and infrared regions. These spectral lines can be classified into five groups 
called spectral series. These series are named after their discoverers as shown below. 

(i) Lymanseries(U.Vregion) (ii) | Balmerseries (visible region) 
(iii) | Paschenseries(LRregion) (iv) Brackettseries(I.Rregion) 
(v) Pfund series (I.R region) 

The first four series were discovered before Bohr’s atomic model (1913). The 
wave numbers (m”) of the series of lines in hydrogen spectrum are given in Table (5.2). 

It is seen from the Table (5.2) that as we proceed from Lyman series to Pfund 
series, the wave numbers (m’) of spectral lines decrease. The lines of Balmer series have 
been given specific names as H,, Hp....:... etc: 









Table (5.2) Wave numbers (m”) of various series of hydrogen spectrum. 

















1.34 x 10° 









2.46 x 10° 









82.20x 10° | 15.21 x 10° (H, line) 










97.60x 10° | 20.60 x 10° (H, line) 3.80 x 10° “2.14 x 10° 
102.70 x 10° | 23.5 x 10° (H, line) 4.61 x 10° 

105.20x 10° | 24.35x10,(H,line)| 9. 95 x 10° 

106.20 x 10° | 25.18 x 10° 





107.10 x 10° 


5.5.6 Origin of Hydrogen Spectrum on the Bass of Bohr’s Model 
According to Bohr, electron in = 
hydrogen atom may revolve in any orbit 
depending upon its energy. When hydrogen; | 
gas is heated or subjected to an electric 
discharge, its electron moves from one of the 
lower orbits to higher orbit, absorbing 
Particular wavelengths of energy. 
Subsequently, when it comes back, the same aA lia 
energy is released. This energy is observed. | | 













a 
“Ys, 


ATOMIC STRUCTURE Chemistry-X1 


The spectral lines of Lyman series are produced when the electron jumps from 
n= 2, 3,4,5........ ton, = 1 (Lyman did not know this reason). Similarly, spectral lines of 
Balmer series discovered in 1887 originated when an electron jumps from n, = 3, 4, 5, 
ope .ton,=2 orbit. 

In the same way, Paschen, Brackett and Pfund series of lines are produced as a 
result of electronic transitions from higher orbits to. ont 4th and Sth orbits, respectively 
Fig (5.17). 


Calculations of Wave Numbers of Photons of Various Spectral Series by 
Bohr’s Theory 
The wavelength (A ) or wave number ( V ) of a spectral line depends on the quantity of energy 


emitted by the electron. Suppose, an electron jumps from n, to n, and emits a photon of light. 


According to Bohr’s equation of energy. 7me! 


"3 or nh? 
-Z’me* 
8,” n3h? 
__E, and E, are the energies of electrons in n, and n, respectively. The energy 
difference between the two can be calculated as follows: 


ai 


le 








See 
o “i _ AEFE, E, "Beh? | nA a TEESE malin AR (22) 
ror P7aie oe” 
a i. =o 4 . 
*y oii and — es z= 2.18x 10"*3 (by puting the values of constants) 
baal ie pest | 
. I q@ > es praryres . nT y , j 
, ine 
_ AB=2.18x <0" ee louleg a, (23) 
5 > D 1 n? 2 (or: 


'equé ion (23),t the energy difference between any two orbits of H 
er er , ist the lower level hy is higher level. Itis not necessary 


Bi rmWttssep en 


nace a ~. 4 
Uli s Eager eityo 
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exsurva: 


Frequency (v) has the units of the cycles s" orHz.(1Hz=1cycles") inconyap elt 
Equation (24) gives us the frequency of a photon emitted, when electron jumps from 
higher orbit to lower orbit in H-atom. The frequency values go on decreasing between 
adjacent levels. <i OWL 





Calculatien of Wave Number iy bs 





Since v=cv well 

(eee . 4 

Putting in equation (24) . , 
Zme'| 1 1 . — (| 

Therefore cv= a oo hes 

2 2 2 j ah 

8e, hin, n, ia . 
= Z’me* 1 1 | -l (25) = ei | +d : 
Ve Sr | Dee ie - PF} !: 
8 en hrc n’, n’, gs 4 


me 

The value of the factor Be," he in eq. (25) has been calculated to be 1.09678 x x10 ; 
This is called Rydberg constant. Putting Z = 1 for hydrogen atom, the equation (25) _ 
becomes. . in ag as advinit eae ths 

v=1.09678 x 107 +=] m! errtnie (26) Sega 

nm ‘ Juana = 

Equation (26) gives the values of wave number of photons emitted or absor 
electron jumps between n, and n, orbits. 


is * ot 
Letus calculate, the wave numbers of lines of various series, ni "i F 
Lyman Series: AU) yg. G17) Cheney 


. . aay, z ret meee : 2 lai 
Firstline RONG n,=2(higherorbit) Briss A 
. NNSA 1 ihe Leratb foals tne 
vat. 09678 Xx 10’ a $2.26x10 m - Gwe “ a 

P 2 Rss a . 


un 
i 







Secondline n,=1 n,=3 ie 


Limiting line wet mis nao ue 
Sv iNein ES >: iyo ove dad) ee 
“RO e rh ia PTS ake, HS cane 

Mia cepisn vit ie 
MM eueres | eth ibe 


ne Bie 
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the photons of radiation emitted lie in the range of U.V. region. 


Balmer Series: Fig (5.17) 
First line n= 2 n,=3 


=1,09678 x 10’ puch = 15.234x10° m? 


a 
Secondline n,= 2 


V=1.09678 x 10” no[3-3} 20.566x10° m 


Third line n,=2 n,= 
=1.09678 x 10’ w[}-ah 23.00x10° m 
Limitingline n,=2 n,=0 


v= i 27.421x10° m 
2? oo" 


The limiting line of Balmer series lies in U.V region, while other lines fall in 
isible region. Similarly, we can calculate the wave numbers for all the lines of Paschen, 
rackett and Pfund series. These three series of lines lie in the infrared region. 


.5:/ Defects of Bohr’s Atomic Model 
) Bohr’s theory can successfully explain the origin of the spectrum of H-atom and 
ms like He”, Li” and Be”, etc. These are all one electron systems. But this theory is not 
le to explain the origin of the spectrum of multi-electrons or poly-electrons system like 
He, Liand Be, etc. 
2. When the spectrum of hydrogen gas is observed by means of a high resolving 
power spectrometer, the individual spectral lines are replaced by several very fine lines, 
i.€. original lines are seen divided into other lines. The H,- line in the Balmer series is 
found to consist of five component lines. This is called fine structure or multiple 
structure. Actually, the appearance of several lines ina single line suggests that only one 
quantum number is not sufficient to explain the origin of various spectral lines. 


ah Bohr suggested circular orbits of electrons around the nucleus of hydrogen atom, 
but researches have shown that the motion of electron is not in a single plane, but takes 
place in three dimensional space. Actually, the atomic model is not flat. 
4. When the excited atoms of hydrogen (which give an emission line spectrum) are 
placed in a magnetic field, its spectral lines are further split up into closely spaced lines. 
This type of splitting of spectral lines is called Zeeman effect. So, if the source which is 
producing the Na - - spectrum is placed ina weak magnetic field, it causes the splitting of 
Na into: component lines. Similarly, when the excited hydrogen atoms are 
rical field, then similar oe of spectral lines takes plese which is 


a se 
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However, in 191 5, ‘Sommorfeld suggested the moving electrons might describe 
in addition to the circular orbits elliptic orbits as well wherein the nucleus lies at one of 
the focii of the ellipse. 


5.6 X-RAYSAND MIC NUMBER 

X-rays are produced when rapidly moving electrons collide with heavy metal 
anode in the discharge tube. Energy is released in the form of electromagnetic waves 
when the electrons are suddenly stopped. In the discharge tube, the electrons produced 
by a heated tungsten filament are accelerated by high voltage Fig. (5.18). It gives them 
sufficient energy to bring about the emission of X-rays on striking the metal target. X- 
rays are emitted from the target in all directions, but only a small portion of them is used 
for useful purposes through the windows. The wavelength of X-rays produced depends 
upon the nature of the target metal. Every metal has its own characteristic X-rays. 

The X-rays are passed through a slit in platinum plate and then emerged through 
aluminum window. This is thrown ona crystal of K,[Fe(CN),], which analyses the X-ray 
beam. The rays are diffracted from the crystal 
and are obtained in the form of line spectrum 
of X-rays. This is allowed to fall on 
photographic plate. This line spectrum is the 
characteristic of target material used. This 
characteristic X-rays spectrum has discrete 
spectral lines. These are grouped into K- 
series, L-series and M-series, etc. Each series 
has various line as K,, K,, L,, L,, M,, M, ete. Fig (5.18) Production of X-rays | . 

A systematic and comprehensite | 
study of X-rays was undertaken by Moseley in 1913-1914. His researches covered a | 
range of wavelengths 0.04 - 8 A. He employed thirty eight different elements from 
aluminium to gold, as target in X-rays tube. Moseley was able to draw the following 
important conclusions from a detailed analysis of the spectral lines which he obtained. 
() The spectral lines could be classified into two distinct groups. One of shorter 
wavelengths are identified by K-series and the other of comparatively longer 
wavelengths are identified by L-series. hee. 
(ii) If the target element is of higher atomic number eee oa 












becomes shorter. 7 pape) EST ar. 
(iii) A yery simple relationship was found between the fea oY WN, I ape Ei 
line of - X-rays and the atomic number Z of the elemen smite IE her a1 me 


Vv = a(Z-b) é 
Here « ‘a’ and ‘b’ are the constants chara 


ad 


Called screening gconstantofthemetals. 
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sf This law states that the frequency of a spectral line in X-ray spectrum varies as 

the square of atomic number of an element emitting it. This law convinces us that it is the 

atomic number and not the atomic mass of the element which determines its 

characteristic properties, both physical and chemical. If value of Vv for K-series are 

| plotted against Z, then a straight line is obtained. 
: 
: 
: 


ee 


—— 


Importance of Moseley Law 
(i) Moseley arranged K and Ar, Ni and Co in a proper way in Mendeleev’s periodic 
table. 
_ (ii) This law has led to the discovery of. ea) new elements like Tc(43), Pr(59), 
Rh(45). 
(iii) | The atomic number ofrare earths have been determined by this law. 


5.7 WAVE-PARTICLE NATURE OF MATTER (DUALNATURE 
OF MATTER) 


Planck’s quantum theory of radiation tells us that light shows a dual character. It 
peeves both:as a material particle and as a wave. This idea was extended to matter 
particles i in 1924 by Louis de- Broglie. According to de-Broglie, all matter particles in 

motion have a dual character. It means that electrons, protons, neutrons, atoms and 
molecules possess the characteristics of both the material particle and a wave. This is 
» ‘called wave particle duality in matter. de-Broglie derived a mathematical equation which 


OLS tet 


. -Telates the wavelength (1) of the electron to the momentum of electron. 


<< ————... (28) 


mv 
Here A= =de-Broglie ’s wavelength, 


¥ foray, +54 m=mass of the particle 
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he h 

—= me? Or A= — Ol haeesnee 30 

so, x mc (0) 
According to equation (30), the wavelength of photon is inversely proportional 
to the momentum of photon. Considering that nature is symmetrical, we apply this 
equation (30) to the moving electron of mass’m’ and velocity V. This idea gives us the de- 
Broglie’s equation (28) 
= = Se (28) 


mv 
According to equation (28), the wavelength of electron is inversely proportional 
to momentum of electron. Now, consider an electron which is moving with a velocity of 
2.188x10° ms" in the first orbit of Bohr’s model of hydrogen atom. Then, wavelength 
associating with it, can be calculated with the help of equation(28). 


h = 6.626 x10™'Js 
mis ee 9.108 x10" kg 
A= = 9.625. “Js Since (J =kg m? s”) 
9.108 x 10°! kg x 2.188 x 10° ms* 
A= 0.33 x 10° m (10°m = 1 nm) . 
A= 0.33 nm 


This value of wavelength (A)of electron while moving in the first orbit of H-atom \) 
is comparable to the wavelength of X-rays and can be measured. ; | 
If we imagine a proton moving in a straight line with the same velocity as 
mentioned for electron, it’s wavelength will be 1836 times smaller than that of electron. 
Similarly, an a-particle moving with the same velocity should have a wavelength 7344 
times smaller as compared to that of electron. Now, consider a stone of mass one gram 
moving witha velocity of 10 ms”, then its wavelength will be: 


_ 6.626 x 10°*Is 
10° kg x 10 ms” 
= 6.626 x 10°? m 


This wavelength is so small, that it cannot be measured by any conceivable 
method. Itmeans that heavy material particles have waves associated with them, but they 
cannot be captured and we say that the macroscopic bodies don’thave the waves. 


5.7.1 Experimental Verification of Dual Nature of Matter 

_ In 1927, two American scientists, Davisson and Germer did an experiment to 
verify the wave nature of moving electron. Electrons were produced: from heated: 
tungsten filament and accelerated by applying the potential See through charged 
plates. Davisson and Germer proved that th ath we ectr a 
like waves, when they fall ona nickel crystal Inthisw electro 
verified. Davisson ahd Germer got thenobel 
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matter waves and de Broglie got the separate nobel prize for giving the equation of matter 
wave. 


58 HEISENBERG'S UNCERTAINTY PRINCIPLE 

According to Bohr’s theory, an electron is a material particle and its position as 
well as momentum can be determined with great accuracy. But with the advent of the 
concept of wave nature of electron, it has not been possible for us to measure 
simultaneously the exact position and velocity of electron. This was suggested by 
Heisenberg, in 1927. 

Suppose, that Ax is the uncertainty in the measurement of the position and Ap is 
the uncertainty in the measurement of momentum ofan electron, then 


Ax Ap > - ae (31) 


This relationship is called uncertainty principle. This equation shows that if Ax is small 
then Ap will be large and vice versa. So, if one quantity is measured accurately then the 
other becomes less accurate. Hence, certainty in the determination of one quantity 
introduces uncertainty in the determination of the other quantity. 

The uncertainty principle is applicable only for microscopic particles like 
electrons, protons and neutrons, etc. and has no significance for large particles, i.e. 
macroscopic particles. 

Compton’s effect can help us understand the uncertainty principle, Suppose, we 
wish to determine the position of an electron. Visible light cannot help us, because the 
wavelength of visible light is millions time large as compared to the diameter of electron. 
For this purpose, we have to use X-rays which have very short wavelength as compared 
to that of visible light. When this photon of X-rays strikes an electron, the momentum of 
electron will change: In other words, uncertainty of momentum! will appear due to 
change of velocity of,electron. Smaller the wavelength of X-rays, greater’ will be the 
energy of the photon. Hence, the collision of X-rays with electron will bring about the 
greater uncertainty in momentum. So, an effort to determine the exact position of 
electron has rendered its momentum uncertain. When we use the photons of longer 
wavelength to avoid the change of momentum, the determination of the position of 
electron becomes impossible. 


ConceptofOrbital _ 

Following this principle, the Bohr’s picture of an atom does not appear to be 
satisfactory. In Bohr’s atom, the electrons are moving with specific velocities in orbits of 
specified radii, and according to uncertainty principle, both these quantities cannot be 

experime: atally: Atheory involving quantities, which cannot be measured does 
not follow ow the traditior sees ie 
eS ee _—se5 a fPar _- 
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In order to solve this difficulty, Schrodinger, Heisenberg and Dirac worked out 

wave theories of the atom. The best known treatment is that of Schrodinger. He set up a i" 

wave equation for hydrogen atom. According to Schrodinger, although the position of an 

electron cannot be found exactly, the probability of finding an electron at a certain 

position at any time can be found. The solution of the wave equation gives probability of 

finding an electron present in a given small region of space. When the probability of 

finding the electron at a distance r from the nucleus is calculated for the hydrogen atom in 








the ground state, Fig (5.19) is obtained. aeons 2s-orbital 
The maximum probability offindingthe |. ana) ow wien er 

electron is at a distance of 0.053 nm. It is the 4 Pas : 

same radius as calculated for the Bohr’s first #3 ‘ 


orbit. There is a possibility that the electron is 4 ‘ 
either closer to the nucleus or outside the radius 
of 0.053 nm, where probability of finding 
electron decreases sharply. 
é The volume of space in which there ts Fig (5.19) Probable electron density 

95% chance of finding an electron is called diagram for hydrogen atom. 
atomic orbital. , 

The term orbital should not be confused with the term orbit as used in the Bohr’s 
theory. The orbital can be regarded as a spread of charge surrounding the nucleus. This is 
often called the “electron cloud”. 





5.8.1 Quantum Numbers 
Schrodinger wave equation, has been solved for hydrogen atom. It may have 
different solutions. Quantum numbers are the sets of numerical values which give the 
acceptable solutions to Schrodinger wave equation for hydrogen atom. 
Anelectron in an atom is completely described by its four quantum numbers. You 
know that a complete address ofa person comprises his name, city in which he lives, the 
block, street and the house number. On the similar grounds, quantum numbers serve as 
identification numbers or labels, which completely describe an electron. These quantum | 
humbers specify position of electron in an atom. . 
There are four quantum numbers which can describe the electron completely. 
(1) Principal quantum number (n) 
(2) Azimuthal quantum number (2) 
(3) | Magnetic quantum number (m) “s 
- (4) — Spin quantum number(s) ping | ,. 
Letus discuss these quantum numbers one by one. 
Principal Quantum Number (n) - ae ee | AP atl af =. 
The different energy levels in Bohr’ e represented 
Principal quantum number by Schrodinger. Its 
—s —__—{f4i) 
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UL OR SRS AS epee ere 

The value of n represents the shell or energy level in which the electron revolves around 

the nucleus. Letter notations K, L, M,N, etc. are also used to denote the various shells. For 

example, when n=l, it is called K shell, for n = 2, it is L shell and so on. The values of n 

also determine the location of electron in an atom, i.e.the distance of electron from the 
- nucleus.Greater the value of ‘n} greater will be the distance of electron from the nucleus. 

It is a quantitative measure of the size of an electronic shell, ‘n’ also provides us the 

energy of electron in a shell. Bohr’s results help us. to know the relationships of distance 
_ andenergy ofelectron. 


Azimuthal Quantum Number (0) 


It has already been mentioned in the defects of Bohr’s model that a spectrometer 
of high resolving power shows that an individual line in the spectrum is further divided 
into several very fine lines. This thing can be explained by saying that each shell is 
divided into subshells. So, only principal quantum number (n) is not sufficient to explain 
the line spectrum. There is another subsidiary quantum number called azimuthal 
quantum number and is used to represent the subshells. The values of azimuthal quantum 
number(£)are ° 


O21), YO) Ss (n-1) 


Its value depends upon n. These values represent different subshells, which are 
_ designated by small letters, s, p, d, f. They stand for sharp, principal, diffused and 
fundamental, respectively. These are the spectral terms used to describe the series of 
lines observed in the atomic spectrum. The values of azimuthal quantum number always 
start from zero. 
Asubshell may have different shapes depending upon the value of ‘ @’ . It may 
be spherical, dumb-bell, or some other complicated shapes. The value of ‘@’ is related to 
the shape of the subshell as follows: 


—£=0 s-subshell spherical 
f=) rts _p-subshell dumb-bell 
(=2 : d-subshell (complicated shape) 
. The relationship between principal and azimuthal quantum numbers is as follows. 
n=1 K-shell{2=0 {s‘subshell should be called as Is 
2-2 Lia z aM 
s-subshell ; 3s 


a eanbehell 3p 
3d 
4s 

" 4p 
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I 1S S28, cccses , etc, the digit represents the value of principal quantum number. 
‘é’ values also enable us to calculate the total number of electrons in 4 given subshell. The 


formula for calculating electrons is 2 (2 2 +1). 


When £=0 s-subshell total electrons =2 
£=1 p-subshell total electrons =6 
£=2 d-subshell . total electrons= 10 ) 
£=3 f-subshell total electrons = 14 


Magnetic Quantum Number (m) 

In the defects of Bohr’s model, it has been mentioned that strong magnetic field 
splits the spectral lines further. In order to explain this splitting, a third quantum number 
called the magnetic quantum number (m) has been proposed. 

Its values are 

m=, Fit: 2S a ainasetpaneetap ha cata 
The value of ‘m’ depends upon values of ‘2’ 


When €=0 - s-subshell m=0 
€=1  p-subshell |©m=0,+1(p-subshell has three degenerate orbitals) 
£=2 d-subshell | m=0,+1,+2(d-subshell has five degenerate orbitals) _ 
€=3  f-subshell |§ m=0,+1,+2,43(f-subshell has seven degenerate orbitals) 
| The above description shows that for a given value of ‘¢’ the total values of “m pre 
(22 +1). Actually, the value of m gives us ; the information of degeneracy of orbitals in space. 
It tells us the number of different ways in which a given s, p, d or f-subshell can be arranged 
along x, y and z-axes in the presence of a magnetic field. Thus, different values of ‘m’ fora ~ 
given value of ‘é, represent the total number of different space orientations for a subshell. 
In case of s-subshell = 0, so, m= 0. It implies that s-subshell of any energy level 
has only one space orientation and can be arranged in space only in one way along x, y 
and z-axes. So s-subshell is not sub-divided into any other orbital. The shape of ‘s’ orbital 
is such that the probability of finding the electron in all the directions from the nucleus is 
the same. It is a spherical and symmetrical orbital, Fig (5.20)... 
For p-subshell, = 1 and m= 0, +1. These values of ‘m’ imply that p-subshell of 


any energy level has three space orientations and can be arranged in space along x, y, and 
z axes Fig. (5.21). These three orbitals are perpendicular to each other and named as p,, 
P,, and p,. They have egg shaped lobes which touch each other at the cr origin. they are 
disposed symmetrically along one of the three axes called orbit: : ae 
In the absence of the magnetic field, : 
and are called degenerate euipe ee 
said tobe 3-folddegeacrate.ontr iply deg 
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designated as d,, (m = -2),d_(m=-1), d, (m=+1), d’,(m=+2) and d,'(m - 0) Fig. (5.22). 
All these five d-orbitals are not identical in shape. In the absence of a magnetic 
field, all five d-orbitals have the same energy and they are said to be five fold degenerate 
“orbitals. 
For f-subshell, 2=3 andm=0,+1, +2,+3. They have complicated shapes. 
The whole discussion shows that magnetic quantum number determines the 
orientation of orbitals, so it is also called orbital orientation quantum number. 





Spin Quantum Number (s) 


Alkali metals have one electron in their outermost shell. We can record their 
emission spectra, when the outermost electron jumps from an excited state to a ground 
state. When the spectra are observed by means of high resolving power spectrometer, 
each line in the spectrum is found to consist of pair of lines, this is called doublet line 
structure. We should keep it in mind, that doublet line structure is different from the fine 
spectrum of hydrogen (as we have discussed in azimuthal quantum number). It should be 
made clear that lines of doublet line structure are widely separated from each other, while 
those of fine structure are closely spaced together. 

In 1925, Goudsmit and Uhlenbech suggested that an electron while moving in an 
orbital around the nucleus also rotates or spins about its own axis either in a clockwise or 
anti-clockwise direction. This is also called self-rotation. This spinning electron is 
associated with a magnetic field and hence a 
magnetic moment. Hence, opposite magnetic | “#suetic i 
fields are generated by the clockwise and anti- 
clockwise spins of electrons. This spin motion 
is responsible for doublet line structure in the 
spectrum. 

The four quantum numbers of all the 
electrons in the first four shells are summarized in 
Table (5.3). Notice, that each electron has its own 

Table (5.3) Quantum Numbers of Electrons 





Principal | Azimuthal Magnetic Spin Number of 
Quantum | Quantum Quantum Quantum electrons 
number ‘m’ number ‘s’ | accommodated 


+1,.0, -1 
0 
+1, 0, -1 
+2, +1, 0, -1, -2 +%,,-%, 


+1, 0, -1 
+2, +1, 0, -l, -2 
_ |+3, +2, +1, 0, -1, -2, -3 
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set of quantum numbers and this set is different for each electron. 


5.8.2 Shapes of Orbitals 


In section 5.8.1, we were introduced to the four types of orbitals pening upon 
the values of azimuthal quantum number. These orbitals are s, p, dand fhaving azimuthal 
quantum number values as &= 0,1, 2,3, respectively. Let us, discuss the shapes of these, 
orbitals. 


Shapes of s-Orbitals 

s-orbital has a spherical shape and is 
usually represented by a circle, which in turn, 
represents a cut of sphere, Fig (5.20). With the 
increase of value of principal quantum number 
(n), the size of s-orbital increases. 2s-orbital is 
larger in size than |s-orbital. 2s-orbital is also 
further away form the nucleus Fig (5.20). The 
probability for finding the electron is zero 


between two orbitals. This place is called nodal | Fig sree} ore. tap Borbitnle Wiha: 
plane or nodal surface. 





Shapes ofp-Orbitals 

There are three values of magnetic quantum numbef for p-subshell. So, 
p-subshell has three orientations in space i.e. along x, y and z-axes. All the three 
p-orbitals namely, p,, p, and p, have dumb-bell shapes, Fig. (5.21). So, p-orbitals have 
directional character which determines the geometry of molecules. All the p-orbitals of 





—————} . 


Fig (5.21) Shapes of p-orbitals 


all the energy levels have similar shapes, but with the increase of font — 
number of the shell their sizes are increased. het nw 


Shapes of d-Orbitals 


i ed RS PCR —s 
t 


For d-subshell there are e five values s of ma 
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Fig (5.22) a of d-orbitals 


They are not identical in shape. Four d-orbitals out of these five contain four 
lobes each, while the fifth orbital d? consists of only two lobes, Fig (5.22). 
In the absence of magnetic field, all the five d-orbitals are degenerate. The shape 


of f-orbital is very complicated. 
§.9 ELECTRONIC DISTRIBUTION 


In order to understand the distribution of electrons in an atom, we should know 


the following facts. 
1. An orbital likes, p,, p,, p, and d,,, etc. can have at the most two electrons. 
Dds The maximum number of electrons 


that can be accommodated in a shell is given by 2n’ 
formula where n is principal quantum number and 
itcannot have zero value. 

Moreover, following rules have been 
adopted to distribute the electrons in subshells or 
orbitals. : 


1. Aufbau principle 
2. ___Pauli’s exclusio n principle| 
3. Hand’srule 


But, before we use these rules, the 
subshells should be arranged according to (n+ £) 
tule, Table(5.4). This rule says that subshells are 
arranged in the increasing order of (n + £ ) values 


and if any two subshells have the same (n + £ ) 
values, then that subshell is placed first whose n 
value is smaller. 

_ The arrangement of subshells in ascending 
order of their energy may be as follows: 1s, 2s, 2p, 


3s,3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s and so 








Table (5.4) Arrangement of orbitals . 
according to (n+1) rule 
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electrons are first placed in 1s, 2s, 2p and so on. 


Pauli’s Exclusion Principle 
This principle can be stated as follows: 
It is impossible for two electrons residing in the same orbital of a poly-electron 
atom to have the same values of four quantum numbers. or Two electrons in the same 
~ orbital should have opposite spins (| ). 


Hund’s Rule - S Ron 
If, degenerate orbitals are ayailable and more than one seiecirend are to be elias i 
in them, they should be placed in separate orbitals with the same spin rather than putting ~— 
~ them in the same orbital with opposite spins. ze) 
According to the rule, the two electrons in 2p subshells of carbon ‘will be 
distributed as follows: fi i fo » 
sC=Is 2s 2p, 2p, 2p, 
The three orbitals of 2p subshell are degenerate. 


5.9.1 Electronic Configuration of Elements 
Keeping in view the rules mentioned above, the electronic configurations of first thirty 
six elements are given in Table (5.5). 
Table (5.5) Electron — of elements 






Hydrogen 
Helium 
Lithium 
Beryllium 


Boron 








Carbon 
Nitrogen 
Oxygen 


Gluorine 2 











Ou CO 8 & wn = 


























Aluminium 





[Ne]3s°3p, 3p, 3P, 


[Ne] 38"3p, 37, 3P, 


es Ee ee 
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reer et 
[Ne]3s" 3p, 3p, 3p, 


SOR Se 


[Ne]3s"3p?,3p, 3p, 


[Ne] 3s? 3p”, 3p", 3p, 
[Ne]3s"3p?, 3p? 3p?, 


+79 See 


[Ar] 45 
[Ar] 4s? 


tre ws 


[Ar] 463d 3d 3dun 3d 3d 
[Ar] 4°34, 34,,3434,,,,34, 
[Ar] 4s 34,38, 38, 34,.34, 
tas 4J38, 34, 34, 34,34, 


[Ar] 40°34, 3p 3c 3a? 3? 


ee ae 


[Ar] 45°34? 34, 3m 3dat 3 
[Ar] 46342 342,34, 3d?9) 3d 
[Ar] 40°34, 342 346,34,,_,34 
[Ar] 4834?,,34?, 34? 342, 3d? , 
[Ax] 43342, 34,3030, 30, 
[A 48°34" 4p, 4p, 4p, 

[ae 49°34" 4p, 47, 4p, 

[Ar] 45°34"4p, 4p, 47, 


TAS} 44*34"4p".4p, 49, 


_— = 


ATOMIC STRUCTURE ‘ Chemistry-XI 


13. 


14. 


Q1. Select the most suitable answer for the given one. f Hie Ba 


(i) 





(ii) 


(iii) 


charged particles called electrons, whereas, the positive rays were found to 

contain positively charged particles called protons. 

Neutron was discovered through artificial radioactivity. 

Electrons, protons and neutrons are regarded as the fundamental particles of an 

atom. 

Rutherford discovered the nucleus and successfully explained the presence of 
moving electrons around the nucleus. 

In 1905, Planck put forward his famous Planck’s quantum theory. 

Neils Bohr explained the structure of hydrogen atom by using Planck’s quantum 

theory. He also calculated the radius and energy of electron in the nth shell of 
hydrogen atom. 

Bohr’s atomic model successfully explained the origin of line spectrum and the 
lines present in the spectrum of hydrogen atom in the visible and invisible 

regions. 

X-rays are produced when rapidly moving electrons collide with heavy metal 
anode in the discharge tube. 

Moseley discovered a simple relationship between the frequency of X-rays and 
the atomic number of the target element. 

de-Broglie discovered wave particle duality of material particles. According to 
him, all material particles in motion have a dual character. Davisson and Germer 
experimentally verified the wave concept of an electron. 

Heisenberg pointed out that it is not possible for us, to measure the exact position 
and the exact momentum of electron simultaneously. 

After the failure of Bohr’s atomic model, Schrodinger developed the wave 
mechanical model of hydrogen atom. According to him, although the position of 
an electron cannot be found exactly, the probability of finding an electron at a 
certain position at any time can be calculated. 

An electron in an atom is completely described by its four quantum numbers. 

Three out of these four quantum numbers, have been derived from Schrodinger 
wave equation, when itis solved for hydrogen atom. — 


EXERCISE _. 


The nature of the positiveraysdependon: 
(a)  thenatureoftheelectrode  (b) _—‘ thenatureofthe discharge ube “ 
(c)  thenature ofthe residual gas” (d) alloftheabove ~ acti ws “te 5 
The velocity of photonis: biden ebi.ck Med ar legle 

(a) independent of its wavelength (b) ae _ depenc s } 

(c)  equalto square ofits amplitude ; 

The wave number of the light emitted bya certai 











wavelength ofthis light will er “ven o'4.j ane: —_ © ue 


" 


(a) 500nm peel . 500 ot meant ths : (dd 5x10'm' 





(iv) 


(vi) 


(vii) 


(viii) 
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Rutherford’s model of atom failed because: 

(a) the atom did nothave a nucleus and electrons 

(b) _—_itdid not account for the attraction between protons and neutrons 
(c) it did not account for the stability of the atom 

(d)  thereis actually no space between the nucleus and the electrons 
Bohr model ofatom is contradicted by: 

(a) Planck’s quantum theory (b) dual nature of matter 
(c) Heisenberg’s uncertainty principle (d)  alloftheabove 
Splitting of spectral lines when atoms are subjected to strong electric field is called: 
(a) Zeeman effect (b) Stark effect 

(c)  Photoelectriceffect (d) | Comptoneffect 

In the ground state of an atom, the electron is present: 

(a) in the nucleus (b)  inthesecond shell 

(c) nearesttothenucleus (d) farthest from the nucleus 

Quantum number values for2p orbitals are: 


(a) n=2,f=1 (b) n=1,2 

(c) n=1,4=0 (d) n=2,£=0 

Orbitals having same energy are called: 

(a) _—_hybridorbitals (b) valence orbitals 


(c) degenerateorbitals (d)  d-orbitals 

When 6d orbital is complete, the entering electron goes into: 

(a) 7f (b) Ts (c) Tp (qd) 7d 

Fill in the blanks with suitable words. 

B-particles are nothing but moving with a very high speed. 
The charge on one mole of electrons is coulombs. 

The mass of hydrogen atom is grams. 

The mass of one mole ofelectrons is 

Energy is ; when electron jumps from higher to a lower orbit. 
The ionization energy of hydrogen atom can be calculatedfrom__—_—smodel of 
atom. 

Ford-subshell, the ceaaaial quantum number has value of 

The number of electrons ma given subshell is given et formula 

The electronic configuration of H’ is 

Indicate true or false as the case may be. 

Aneutron is slightly lighter particle thana proton. . 
Aphoton is the massless bundle of energy but has momentum. 


; (Phe nit of Rydberg constant is the reciprocal ofunit of length. 


ys uncertainty pr Sg applicabletotharmpaccnmbedicn: 
ll plane man orbita = adie psec sre 
9 orbitals presentin asublevelis sivenby the femal 24" +1). 
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(viii) 


(ix) 


Q4: 
(a) 


(b) 


(c) 
(d) 


(e) 
(f) 


(g) 


Q5 (a) 


(b) 
(c) 


(b) 


Q7. (a) Give the postulates of Bohr’s atomic model. Which postulates tells u us that orbits 


(b) 
(c) 


(d) 
(c) 
Q8 





Q6 (a) Discuss Chadwick’s experiment for the discovery of neutron. Compare the 


The magnetic quantum number was introduced to explain Zeeman and Stark 

effect. 

Spin quantum number tells 1 us the direction of spin of electron around the 

nucleus. 

Keeping in mind the discharge tube experiment, answer the following questions. 

Why is it necessary to decrease the pressure in the discharge tube to get the 

cathode rays? 

Whichever gas is used in the discharge tube, the nature of the cathode rays 

remains the same. Why? 

Why e/m value of the cathode rays is just equal to that of electron? 

How the bending of the cathode rays in the electric and magnetic fields shows 
that they are negatively charged? 

Why the positive rays are also called canal rays? 

The e/m value of positive rays for different gases are different but those for 
cathode rays the e/m values are the same. Justify it. 

The e/m value for positive rays obtained from hydrogen gas is 1836 times less 
than that of cathode rays. Justify it. 

Explain Millikan’s oil drop experiment to determine the change ofan electron. 
What is J.J Thomson’s experiment for determining e/m value of electron? 
Evaluate mass of electron from the above two experiments. 
























properties of electron, proton and neutron. 
Rutherford’s atomic model is based on the scattering of a-particles from a thin 


gold foil. Discuss it and explain the conclusions. 


are stationary and energy is quantized? 

Derive the equation for the radius of nth orbit of YES atom using Bohr’s 
model. Lee Aleph tx 

How does the above equation tell you that: ) A ah EAA , 
(i) radius is directly proportional to the square ¢ of the number o oforbit? 
(ii) _ radiusis inversely proportional to the number of protons in the nucleus? 
How do you come to know that the velocities of electrons inhigher orbits, are less 
than those in lower orbits ofhydrogenatom? ei | 
Justify that the distance gaps between different orbits j go on increasing from the :) Aoi 
lower tothe higher orbits. . . 
Derive the formula for calculating the energy of seer amides using 
Bohr’s model. Keeping in view this formula explain the follo 

The potential energy ofthe bounded cates 6 ise “sea ’ 

‘Total al soees eee s also negative S e- 





nl 
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(d) Theenergy difference between adjacent levels goes on decreasing sharply. 

Q9. (a) Derive the following equations for hydrogen atom, which are related to the 
(i) energy difference between two levels, n, and n,,. 
(li) frequency of photon emitted when an electron jumps from n,to n,. 
(iii) | wavenumberofthe photon when the electronjumps from n, to n,. 

(b) Justify that Bohr’s equation for the wave number can explain the spectral lines of 
Lyman, Balmer and Paschen series. 

Q10. (a) What is spectrum? Differentiate between continuous spectrum and line 
spectrum. 

(b) Compare line emission and line absorption spectra. 

(c)  Whatisthe origin ofline spectrum? 

Q11.(a)Hydrogen atom and He’ are mono- -electronic systems, but the size of He’ is much 
smaller than H’, why? 

(b) «Do you think that the size of Li* is even smaller than He’? Justify with 
calculations. 

Q12. (a) What are X-rays? What is their origin? How was the idea of atomic number 
derived from the discovery of X-rays? 

(b) How does the Bohr’s model justify the Moseley’s equation? 

Q13. Point out the defects of Bohr’s model. How these defects are partially Bovered by 
dual nature of electron and Heisenberg’s uncertainty principle? 

Q14. (a) Briefly discuss the wave mechanical model of atom. How has it given the idea of 
orbital. Compare orbit and orbital. 

(b) . Whatare quantum numbers? Discuss their significance. 

(c) | When azimuthal quantum number has a value 3, then there are seven values of 
magnetic quantum number. Give reasons. 

QI5. (a) Discuss rules for the distribution of electrons in energy subshells or inorbitals. 


(b) — Whatis(a+ 2) rule. Arrange the orbitals according to this rule. Do you think that _ 


this rule is applicable to degenerate orbitals? 
(c) _ Distribute electrons in orbitals of,,La, ,,Cu, ,,Au, ,,Cr, ,,,,,Rn. 


Q16 Draw the shapes of s, p and d-orbitals. Justify these by keeping in view the . 


azimuthal and magnetic quantum: numbers. 
Q17 Aphoton of light with energy 10°” Jis emitted by asource oflight. : 
(a) Convert this energy into the wavelength, frequency and wave number of the 
photon in terms of metres, hertz and m’, respectively, 
(Ans:1.51x10s"; 1.98x10°m; 5x10°m") 
(b) Convert this energy of the photon into ergs and calculate the wavelength in cm, 
yinHzandwavenumberincm’, || 
[h=6.626x 10™Js0r6,625x 10” ergs, a = 3x10! mhs ‘or3x 10°’ ems") 
—. Anil. a 1.98x10“cm; 5x10°cm") 
oT Cz lculating the en energy ofek ee hydrogen atom given by 
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_ «me! 
" 8 h’n? 
Calculate the energy of the electron in first orbit of hydrogen atom. The values of various 
parameters are same as provided in Q19. (Ans:-2,18x10""J) 
Q19. Bohr’s equation for the radius ofn” orbit of electron in bydorgen atom is: 
_€, h’n? | 
" ne’m {i 
(a) When the electron moves from n= | ton =2; how much does the radius of the 
orbit increase?. (Ans: 1.587 A) 
(b) What is the distance travelled by the electron when it goes from n=2 to n=3 and 
=9 to n=10? 


[€.=8.85x 10’ c'J'm"' ,h=6.624x10™ js, n=3.14,m=9.108x 10” kg, 
e=1.602x 10'"c] 
while doing calculations take care of units of energy parameter. 
[J=kgm’s*,c=kg"’m”s"] (Ans: 2.65 A; 10.05 A) 
Q20 Answer the following questions, by performing the calculations. 
(a) Calculate the energy of first five orbits of hydrogen atom and determine the i = 
energy differences between them. | 
(b) Justify that energy difference between second and third orbits is approximately 
five times smaller than that between first and second orbits. 
(c) Calculate the energy of electron in He’ in first five orbits and justify that the 
energy differences are different from those of. hydrogen atom. 
(d) Do you think that groups of the spectral lines of He’ are at different pisces than 
those for hydrogen atom? Give reasons. < 
Q21 Calculate the value of principal quantum number if an eleceoni in hydrogen: atom 












revolves in an orbit of energy- 0.242 x10" J. (Ans:n=3) 
Q22  Bohr’s formula for the energy levels of hydrogen atom for any system say) H, 
He’,Li* ,etc. is “r —Z2e4m oh 124s nea 
n Rp wae ‘ ; 
or Bey Bi 1 e929 aleurone | ietiiiAd > 
The iviit ye Cte Ae er eo the : 
E> Nisa “ 
. cae 





_ Forhydrogen:Z= 1 and forHe’,Z= be 3 
(a) ee ee 







(©) Howdo you justify t that tea ener 


oflandie? gies a 
portecd i? ee 
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(d) 


() 


Q23 
@ 
(ii) 
Q24 
(a) 
(b) 


© 


Use’Avogadro’s number to convert ionization energy values in kJmol" for H and 
He’. 
(Ans: 1313.3kJmol'; 5249.4kJmol") 
The experimental values of ionization energy of H and He’ are 1331 kJ mol" and 
5250 kJ mol”, respectively. How do you compare your values with experimental 
values? 
(Ans: 5249kJ mol") 
Calculate the wave number ofthe photon when the electron jumps from 
n=S5ton=2. (Ans: 2.3 x 10°m") 
n=5ton=1 (Ans: 1.05x 10’m") 
In which series of spectral lines and spectral regions these photons will appear. 
(Ans: (i) Balmer Series (ii) Lyman Series) 
A photon of a wave number 102.70 x 10° m' is emitted when electron jumps from 
higherton=1. 
Determine the number of that orbit from where the electron falls. 
(Ans: n=4) 
Indicate the name of the series to which this photon belongs. 
(Ans: Lyman series) 
If the electron falls from higher orbit to n= 2, then calculate the wave number of 
the photon emitted. Why this energy difference is so small as compared to that in’ 


part (a)? (Ans: 20.5 x 10°m') 


Q25(a) What is de-Broglie’s wavelength of an electron in meters travelling at half a 


(b) 
(c) 


speed of light? 
[m=9.109 x 10" kg ,c=3 x 10° ms"] 
(Ans: 1=0.048 A) ° 
Convert the mass of electron into grams and velocity of light into cms” and then 
calculate the wavelength ofan electron in cm. (Ans:0.048x10* cm) 
Convert the wavelength of electron from metres to: 
@ nom @i) A (ii) pm. 


(Ans: 0.0048nm; 0.048A; 4.85pm) 
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> Chapter 6 
Se T CHEMICAL BONDING 
6.1 CHEMICAL BOND 


A chemical bond is the force, which holds together two or more atoms or ions to 
form a large variety of compounds. The forces which are responsible for such bonding 
and the shapes of the molecules formed are as a result of chemical combination. The 
theory of chemical bonding has been a major problem of modern chemistry: In this 
chapter, we shall look into the nature of the chemical bonds formed between the atoms. 





6.1.1 Cause of Chemical Combination 

It has been observed that the chemical reactivities of elements, depend*upon their 
characteristic electronic configurations. The noble gases with electronic configuration of valence 
shell 1s* (He) or ns’ np’ (Ne, Ar, Kr, Xe, etc.) show little tendency to react chemically. There are 
just only a few stable compounds, formed by these elements like XeF,, XeF,, XeOF,, XeO,, etc. A 
noble gas does not react with another noble gas. Thus, these gases are the most stable of all the 
elements. Let us, see why noble gases are most stable. This can be explained on the basis of their 
special electronic configuration. Their outermosts and p orbitals are completely filled. 


o £8 OB Wa 


He = Is Ne =Is 2s 2p, 2p, 2p, 


: 
: 
| 
: 










All other elements, combine with one another, due to an inherent tendency to 
stabilize themselves. They get their stabilization by losing, gaining or sharing electrons 
to attain the nearest noble gas configuration. The tendency of atoms to attain a maximum 
of eight electrons in the valence shell is known as the “octet rule’. A few examples are 


given in Table (6.1). 


- Nearest | 
noble gas\ | 







Electron loss 1s? 2s? 2p® 3s? 


Electron gain __[1s?.2s*2p?2p22p' |4s?2s* 2pS Ne 

‘Lis : 0,2 3p,!3p,\] 1s? 2s? 2p* 3s? 3p>__ JAr(18) 
In certain cases, both tendencies, i.¢., to lose or gain electrons have been 
observed. But the system will go by the conditions in'which the chemical comb nm 
+1155 -— - =—<—— = x 












— 
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takes place. For example, in the chemical combination between sodium and hydrogen to 
form NaH, hydrogen atom gains an electron. In the formation of HF the hydrogen atom 
donates the major share of its electron to fluorine atom. 

Anyhow, the‘octet’rule could not be made universal as the formation of compounds PF,, 
SF,, BCI, are not according to this rule. 





6.1.2 Energetics of Bond Formation 

According to the modern theory of chemical bonding, atoms form bonds as it 
leads to a decrease in energy. For example, when two hydrogen atoms approach each 
other, forces of attraction and repulsion operate simultaneously. The attractive forces 
tend to bring the two atoms close to each other and the potential energy of the system is 
decreased. On the other hand, the 
repulsive forces tend to push the atoms 
apart and potential energy of the system is ” intermolecular distance —~> — 
increased. It has been found that the 
magnitude of potential energy for 
attractive forces is more than for repulsive 
forces. Therefore, potential energy 
decreases as the two hydrogen atoms 
approach each other Fig(6.1). 

Eventually, a state corresponding 
to the distance of 75.4pm is reached, 
where the attractive forces dominate the!” 
repulsive forces. Here, the potential energy 
of the system is minimum andi the 
hydrogen atoms are said to be bonded to Fig (6-1) Potential energy curve for 

iL hg a the formation of H, molecule. 
form a stable molecule. So,this distance of 
75.4 pm is called bond distance or bond length'or compromise distance of two hydrogen 
atoms. When the atoms approach the distance of minimum! energy, then the system of 
two hydrogen atoms is stabilized to maximum extent. .The|amount of energy evolved is 
436.45 kJ mol’ andis called bond formation energy: In order to break the bond, the same 
amount of energy has to be provided. 

For the case, where repulsive forces are dominant than the attractive forces, the 
energy of the system increases and it leads to instability. Consequently, a bond is not 
formed. In order to understand bonding, the relative sizes of atoms should be known, 


6.2. ATOMICSIZES 

ATOMIC RADII, IONIC RADIIAND COVALENT RADII. 
___ The size of an atom is very important because many physical and chemical 
properties are related to it. Atoms are assumed to be spherical. That is why, we report the 
wationte ype of ralit to, guess fheine sizes For this reason, the sizes of atoms are expressed 
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in terms of atomic radii, ionic radii and covalent radii, etc., depending upon the type of 
the compound used for its measurement. 

The atomic radius means the average distance between the nucleus of the atom 

and its outermost electronic shell. 
_The radius of an atom cannot be determined precisely due to the following 
reasons. 

(i) There is no sharp boundary of an atom. The probability of finding an 
electron never becomes exactly zero even at large distances from the 
nucleus. 

(ii) | The electronic probability distribution is affected by neighbouring 
atoms. For this reason, the size of an atom may change from one 
compound to another. 

Atomic radii can be determined by measuring the distances between the centres 

of adjacent atoms with the help of X-rays or by spectroscopic measurements. Atomic 
radii of elements of the periodic table in pm are shown in Table (6.2). 


Variation of Atomic Radiiin the Periodic Table 

In general, the atomic radii decrease from left to the right in a period and increase 
from top to bottom ina group of the periodic table. The decreasing trend in a period is due | 
to the increase in the nuclear charge. As the nuclear charge increases, the pull on the 









A Table (6.2) Radii of atoms and ions in periodic table Wilde 
Symbol «+H 1+» Atomic Number Pa 
oo A ie Atomic Radius lIHA IA" V-AVICA VILA 
lonic Radius 208 _ (pm) ; 
(pm) 35 





electrons is increased and size of an atom decreases. Moreover, the, shielding effect 
remains the same from leftto right ina period. 

The increase in atomic radii in a group is due to increase in the number of shells 
and the screening effect. The decrease of atomic radii is very prominent in second period, 
but less in higher periods. Moreover, the decrease is small, when we travel from left to 
right in transition elements Sc(21)-Zn(30), Y(39)-Cd(48) due to the intervening 
electrons. The screening effect is also called shielding effect. This is responsible for the 


decrease in force of attraction of the muvee for the electrons proven baie gelae shell. 
tees Shy yd (nip E 25 4 tattle os | 7 





bond length (75.4 pm) between the two Hatoms in H-H molecule, as shown in Fig (6,3). 
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6.2.1 lonic Radiiand Coyalent Radii 
onic Radii 

The ionic radius of an ion is the radius of the ion while considering it to be 
spherical in shape. 

The ionic radii of some ions in pm are given in Table (6.2). The ionic radius of a 
cation is smaller than the atomic radius of the element from which it is derived. The ionic 
radius of an anion is greater than the atomic radius of the corresponding atom. The radius 
of Na atom, for example, reduces from 186 pm to 95 pm after conversion into Na’ ion. 
The ionic radius of CI ion increases from 99 pm to 181 pm. The cationic eros decreases 


with the increase in the effective nuclear charge on the | 
ion. The decrease in radius is larger for divalent ions | ; 


’ (Mg”) and still larger for trivalent ions (AI”). This is due 


to the reason that with the successive loss ofelectrons;the | pjuive = 
nuclear charge attracts the remaining electrons with a {| CK e nis 
greater force. The increase inthe sizeoftheanionisdueto | = JR 
the increase in the electron-electron repulsion because of _Fig (6.2) The relationaship of 


the increase in the valence shell-electrons. Greater the imterionic aresia Reakcs rae 
amount of negative charge on an atom, greater the size ofion. 


The variation of ionic radii in groups and periods have the same trend as for 
atomic radii. But keep in mind that ionic radius for metals is for positive ions and for 
elements of group number VA to VITA are for negative ions. 

Let us consider, the positive and negative ions, which are held together by 
electrostatic forces of attraction in a crystal lattice. Fig. (6.2), r, and r_are the values of 
radii of cation and anion, respectively. 

The inter-ionic distance ‘R’ in a crystal lattice is equal to the sum of the cationic 
radius r, and the anionic radiusr. 

Rar chr. 

Pauling was able to determine the distance between K" and CI ions in potassium 

chloride crystal and found that it was equal to the sum of the radii of the two ions. 
R=133pm+ 181 pm =314 pm 

Thus, the ionic radius appeared to be an additive property. Pauling extended this 
concept to other K’ salts and calculated the radii of other i ions from the relationship: 

r=R-r, 

Similarly, the joms radii of different cations can also be determined. 


Covalent Radii_ 
The covalent 1 radius of an alanent is defined as half of the anne bond length 


between two similar atoms covalently bonded ina molecule. 
__ Thecovalent radius of hydrogen, for example, is 37.7 pm. It is half of the single 
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The covalent radius of an atom can be used to 
determine the covalent radius of another atom. For 
example, the experimentally determined bond length of 
C-Cl in CH,Clis 176.7 pm. The covalent radius of Cl-atom 
being known as 99.4 pm, that of C-atom can be calculated : 
by subtracting this value from C-Cl bond length. So, the i i 
covalent radius of C-atom= 176.7-99.4=77.3 pm. ~75.4 pm. 

The variation of covalent. radii in groups and 
periods is almost the same as of atomic radii. 

Since energy changes are involved in the bond 
formation, so thermodynamic properties of elements need to be CIeCUSSC before 
understanding the chemical bond. 


6.3 IONIZATION ENERGY, ELECTRON AFFINITY AND 
ELECTRONEGATIVITY 


6.3.1 lonization Energy 
The ionization energy of an element is the minimum energy required to remove 
an electron from its gaseous atom to form anion. The process is calledi ionization, e.g. 
Mg — Mg'te AH=738 kJ mol" 
Inthe gaseous phase, the atoms and ions are isolated and are free from all external ~ 
influences. Thus, .the ionization energy is the qualitative measure of the stability of an- 
SOME atom. The first ionization energies of elements are given in Table (6.3). 





Fig (6.3) Covalent radius of 
H atom, (75.4/2 = 37.7 pm) 


Table. (6.3) First ionization Gate cieetron affinities 
and electronegativities values of elements 








mi ay Vill-{o)- 
Symbol Atomic Number ie 
bs ag First lonization Energy III-A IV-A_V-A_VI-A VII+A 
4 : . | 10 
900| Electronegati Secon Affinity Eee Pad Berd 
"ari ') = 





ilIl-B IV-B V-B VI-B Vu-BT 11-B 


ELEELEL 
cae 





Be eects 
Factors Influencing the Ionization Energies 

It is observed that the ionization energies of atoms depend upon the following 
factors. 

(i) Atomic radius of atom 

(ii) | Nuclearcharge or proton number of the atom 

(iii) Shielding effect ofinner electrons 

(iv) Nature of orbital 


Variation of Ionization Energy in the Periodic Table 

In the periodic table, the ionization energies increase from left to right in a period 
with the increase in the proton number, until a maximum value is reached at the end ofthe 
period. This may be explained in terms of the periodicity of the electronic configuration 
of elements. Each period begins with an element which has one electron in its valence 
shell and ends with the completion of an electronic shell) The increase in the atomic 
number is associated with the increase in nuclear charge which leads to a stronger force 
of attraction between the nucleus and the increasing number of electrons. The stronger 
force of attraction, ultimately results in difficult removal of electrons. 

In groups, the ionization energy decreases in spite of the increase in proton 
number or nuclear charge. This is due to successive addition of electronic shells as a 
result of which the valence electrons are placed at a larger distance from the nucleus. As 
the force of attraction between the nucleus and the outer electron decreases with the 
increase in distance, the electron can be removed more easily or with less energy. 
Moreover, the force of attraction also decreases due to increasing shielding effect of the 
intervening electrons. . 

The ionization energies of group III-A and VI-A show, abnormal trend. This can 
be understood from the distribution of the electrons. 


‘Higher Ionization Energies 

So far, we have explained the first ionization energy. ‘The energy required to 

remove an electron after the removal of first electron is called second ionization energy. 
Mg’ — > Mg” + e&  AH=1450kJ mol” 

q Similarly, the energy required to remove third electron after the removal of 
secondoneis called the third ionization energy, and itis 7730 kJ for Mg. It means that the 
ionization energy values undergo an increase with the increase in the number of electrons 
to be removed. This is due to the reason that second electron is removed froma positively 
charged ion rather than a neutral atom. The dominant positive charge holds the electrons 
more tightly and thus further removal of electrons becomes more difficult. 

Tonization energy is an index to the metallic character. The elements having low 
ionization energies are metals and those having high ionization energies are non-metals. 
Those with intermediate values are mostly metalloids, , 

‘The gaps in the first, second, third and higher ionization energies help us to guess 
iHeagie eeele element. eae there i is sufficient gap Deweetl first aonization energy and 
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second one, then the element shows valency of one. 


6.3.2 Electron Affinity 

Electron affinity of an atom is the energy released when an electron adds to an 
empty or partially filled orbital of an isolated gaseous atom in its valence energy level to ~ 
form an anion having a unit negative charge, e.g. 

Cl(g)t+e —> Clg) = -349 kJ mol” 

Since, energy is released, so electron affinity is given the negative sign. Electron 
affinity is the measure of attraction of the nucleus of an atom for extra electron. Electron 
affinities of the elements of periodic table are given in Table (6.3). 


/ 
Factors Influencing the Electron Affinity 
Electron affinities, like ionization energies, are influenced by the factors such as | 

atomic radius, nuclear charge and shielding effect of inner electrons. As the force of 
attraction between the valence electrons and the nucleus decreases with the increase in 
the atomic radius, the electron affinities usually decrease. 
























Variation in Periodic Table 

In a period, the atomic radius decreases due to increase in the nuclear charge. 
Thus, the electron affinities of elements increase from left to right in a period in the ~ 
periodic table. That is why, the alkali metals have the lowest and the halogens have the 
highest electron affinities. In groups, on the other hand, the atomic radii increase with the 
increase in the proton number due to successive increase of electronic shells. This also 
exerts a shielding effect on the force of attraction between the nucleus and the valence 

electrons. Thus, the electron affinities usually decrease from top to bottom. 

There are, of course, exceptions to this generalization, e.g., fluorine has electron 
affinity less than that of chlorine, Table (6.3). Actually, fluorine has very small size and 
seven electrons in 2s and 2p orbitals producing thick electronic cloud. This thick cloud 
repels the incoming electron. 

The elements of group IIA, VA and VIII show abnormally low values in every 
period of the periodic table. This can be understood from their electronic configurations. 


6.3.3 Electronegativity 

For a homonuclear diatomic molecule, e.g., H,, the bonding. pair of Reiets is y 
‘ equally shared between the atoms. On the other hand, in a bond between dissimilar atoms se 
such as in HF the electron density of the bonding electrons lies more towards the fluorine — 
atom than towards the hydrogen atom. The’ tendency of an aterm to eee a shared a 
electron pair towards itselfis calledits electronegativity. ~~; 

Itis related to the ionization eee a electron affini 
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devised an electronegativity scale on which fluorine is given an arbitrary standard value 
4.0, It is the most electronegative element. The electronegativity values of other elements 
are compared with fluorine, and are given in Table (6.3). Electronegativity has no units. 
Variation of Electronegativities in Periodic Vabic 

A comparison of electronegativities shows that the values increase in a period 
with the decrease in atomic size. These values decrease in a group as the size of the atoms 
increase. The electronegativity differences of the elements can be related to the 
properties of bonds such as dipole moments and bond energies. The difference in the 
electronegativity values of the bonded atoms is an index to the polar nature of the 
covalent bond. When the difference is zero, the bond between the two atoms is non-polar. 
Thus, all the bonds which are formed between similar atoms are nonpolar in character, 
while those formed between different elements are mostly polar. Elements of widely 
different electronegativities form ionic bonds. A difference of 1.7 units shows roughly 
equal contributions of ionic and covalent bonds. Some examples of polar and non-polar 
bonds are discussed under covalent bond in section 6.4.1. 

Having understood the periodic properties of elements, let us discuss types of 
bonds. 


64 TYPESOFBONDS 

Chemical bonds can be classified as : 

(i) Ionic bond 

(ii) | Covalentbond 

(iii) | Coordinate covalent bond 

We shall explain these bonds with the help of different theories of chemical 
bonding. First ofall letus discuss the Lewis concept of bond formation. 


6.4.1 LEWIS CONCEPT 


With the help of this concept, we can understand the tendencies of elements to have 
relation with each other, 


(i) Ionic Bond 

According to the Lewis theory, ionic bond is formed by the complete transfer of 
electron or electrons from an atom with low ionization energy to another atom with high 
electron affinity. In energy terms, the electropositive elements are at a higher energy state 
than the electronegative elements. The energy difference will be responsible for the 
transfer of electrons from a higher energy state to a lower energy state. 

Let us consider, the example of the formation of potassium chloride. The 
electronic configuration of potassium is 1s*2s 2p 3s" 3p‘ 4s'. It may be represented as K 
(2,8,8,1). It tends to lose the outermost electron and to form K’ ion. The energy needed to 
deiache anelectron from potassium atom is etal toits firstionization energy. So: 
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K(2,8,8,1) —> K‘'(2,8,8)+e AH = 419.0 kJ mol"! 

After the loss ofan electron, potassium attains the nearest inert gas configuration 
of Ar (2,8,8). Chlorine atom has the electronic configuration Is’ 2 s’ 2p 3s” 3p’ or Cl 
(2,8,7). It tends to gain electron lost from potassium atom to attain the nearest inert gas 
configuration of Ar (2,8,8) releasing 348.6 kJ mol” energy. This energy corresponds to 
the electron affinity of chlorine. as 

Ck + °° —> Clas AH = -349 kJ mol’ 

The oppositely charged K’ and CTI ions are held together by strong electrostatic 
force of attraction. K’ and Cl ions arrange themselves to form a crystal lattice where 
proportionate number of cations and anions are packed together. The energy released 
during the formation of crystal lattice is 690 kJ mol". Itis called lattice energy of KCl. 

Similarly, the elements of I-A Li, Na, K, Rb, Cs are good losers of electron. The 
elements of VII-A, F, Cl, Br, I are good gainers. So, ionic bonds are there in these atoms. 
Asimilar type of bond is expected between elements of group II-A and VI-A. 

In most of the cases the formation of dipositive, tripositive and dinegative ions 
takes place as follows: 


Ca (2,8,8,2) > Ca” (2,8,8)+2e7 


Al(2,8,3) = —> AI" (2,8)+3e | 
O(2,6)+2e —>» O*(2,8) | 
S (2,8,6)+2e >» S* (2,8,8) / 


Calcium oxide contains ions in the ratio of Ca” :O” and its formula is CaO, while 
in aluminium oxide, Al” and O* ions are present in the ratio 2:3. Its formula is Al, O,. | 
Similarly, CaS and A1,S,, are also ionic compounds to some extent. 

The compounds formed by the cations and anions are called ionic or | 
_ electrovalent compounds. There exists a strong electrostatic force of attraction between 
cations and anions in these compounds. 

Criteria of electronegativity also helps us to understand the nature of bond. So, in 
order to decide the % of ionic nature in a compound, it is better to note the difference of 
electronegativity between the bonded atoms. If the difference is 1.7 or more than that, 
then the bond is said to be ionic. Keeping this aspect in view, NaCl has 72% ionic 
character. CsF has 92% ionic character and calculations tell us that there is no bond with 
100% ionic character. 















ii) | Covalent Bond (electron pair bond) 
____ According to Lewis and Kossel, a covalent bond is formed by the mutual sharing 
of electrons between two atoms. While sharing, each atom completes its valence shell | 
and attains the nearest inert gas configuration. Acovalent bond may be non-polar or polar 
in character. “- 


« 


Laney | 


= ere Ree 


Non-Polar Covalent Bonds Ys 

In such bonds, the bonding electron pais are ually sha 
molecules, the two electrons forming) the NHS} bond, 
——{163}- 
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atoms having same electronegativities. Due to an even distribution of charge, the bonded 
atoms remain electrically neutrals 


Hydrogen be 4s 
H:H or H—H CCR or “Cl—Cl 
The other such molecules are F,, Br, and I,.Similarly, CCl, is a non-polar 
compound. This is due to cancellation of all the dipoles of this molecule due to its 
symmetry. Actually, all the C-Cl bonds are polar, but molecule is non-polar overall. 


sa i 


r 
Bice ce 2 cl— c—Cl 
| 


*CI 


Cl 
The molecules like CH,, SiH,, and SiC], also follow the same attitude of non-polarity due 
to symmetry of structure. 


Polar Covalent Bonds 

When two different atoms are joined by a covalent bond, the electron pair is not 
equally shared between the bonded atoms. The bonding pair of electrons will be 
displaced towards the more electronegative atom. This would make one end of the 
molecule partially positive and the other partially negative as shown by the following 


examples. 
Hydrogen flucride| , es 
HF: or. BSE HiQiH or He 
Methylchloride] | Le H” 
0 ‘ia 
_ Methanol is an Nother best example of a as covalent molecule, because it 
contains a polar bond. 1 
[Methanol] = pearea| HR 
H:C 0% H or HH —CtX—O . 
2 aiecislacass S 
H - H 
Baan an stare ote OF ee een et called a double or 







Nio::N: or iIN= N: ng 
9, 0 ake ado uble Bond. — | sid), 


7 OR REAINE et Lue fut " 


0::0 or O=0 


Here, carbon dioxide is a non-polar covalent compound, although it is formed 
from heteroatoms. The linear structure balances the polar character on both sides of the 
carbon atom. 


. ) | 
22: Ci O27 or 0 =C=0 “4 


Here, each bond represents a pair of electrons. Thus, in the formation ofa double 
bond (=), two shared pairs and in that ofa pe bond (=), three shared pairs of electrons 
are involved. 

Some of the non- rnelallic’ atoms, particularly carbon atoms mutually share their 
electrons with each other. This leads to the formation of extended chains which is the 
basis of the formation of large sized molecules called macromolecules. Diamond, 
graphite and SiC are the best examples of such molecules. 

Carbon can make single, double and triple covalent bonds in alkanes, alkenes and 


alkynes. 
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Silicon also gives similar type of hydrides, called cilanen The mre of disilane 
is like that of ethane. 


HE H H 


or 










os 8s rl 
Hi: Si: Si: Haisiedt 
H H H H 


The compounds of carbon and ‘hydrogen showing double and triple bonds are 
called alkenes and alkynes. Let us, take the examples of ethene and tee 


_ [Ethyne 


Hie’ 2s Sete eT HH? CH#@3H or H-C= C-H 
1C=C! Ole | c= . ih ns : 


(iii) Coordinate Covalent Bond HT Sete ts —* 
 Acoordinaté covalent bond is formed between oats = the sh scot 

electrons is donated by one of the bonded atoms. Let us consider, the ¢ ample of 

formation between NH, and BF ; and there is 


pe 1 
fa coor th 
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te ea 
See 

eh 1? H F 
donor acceptor complex 


The complex so produced is overall neutral, and charges are indicated on N and B 
atoms. 
In some of the compounds, after the formation of a coordinate covalent bond, the 
distinction between covalent bond and coordinate bond vanishes. 
Water donates its electron pair to H’ ion to give H,O’ ion. All the three bonds 
between oxygen and hydrogen have equal status. Every bond is 33% coordinate covalent 
and 66% covalent. 


— ; 

nN + 4H QO. 
H H H 
donor acceptor hydronium ion 


Similarly, all the alcohols and ethers offer their lone pairs to H’ just like water to 
give coordinate covalent bonds. The ions so produced are called oxonium ions. 


=— i 
r~2Sy tH —+ p-Ony 
an alcohol H oxonium ion of alcohols 
Z 4 + 
On OH Ro? 
R R oxonium ion of ethers 
an ether . 


Arimura donates its electron pair to H’ ion to give: N'H, ion. All the four bonds 
behave alike, in NH,ion. 


HANDEL eed B 
[vive || 4 Vt: ‘A ex 
Hives) ih H’ ~H toa or sete 





Wal 
Hf | donor We sapere 
4 ammonium ion 
All the primary, secondary and tertiary amines like ammonia make such bonds 


es path H. PH, combines with H' to give PH; ion called Phosphonium 1 ion. Coordinate 






cidinult earns 


: en! sel does (eas ae Bouded to one another 7 
pai tel ds = é ths bones urnoge question _ 
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arises: * 

Are these explanations just enough to justify the diversified world of molecules 
and how do the electrons avoid each other inspite of their repulsions? 

The answer simply lies in the fact, that the Lewis model seems to be an over 
simplification. Shapes of molecules are very important because many physical and 
chemical properties depend upon three dimensional arrangement of their atoms. A true 
model should be able to justify molecular shapes and geometries of molecules, bond 
polarities, bond distances and various energy transitions as evident by spectroscopic 
techniques. This model should also make clear the unique behaviourial features of - 
molecules during chemical reactions. 

Following are the modern theories, which explain satisfactorily the above | 
requirements for covalent bond formation, based on wave-mechanical structure of / 
atoms: 

1. Valence shell electron pair repulsion theory (VSEPR yy) | 
2. Valence bond theory (VBT) 
Si Molecular orbital theory (MOT) 

In addition to above, crystal field theory and ligand field theory expidins the 

formation of coordination complex compounds formed by transition metals. ) 


6.4.3 VALENCE SHELLELECTRON PAIR REPULSION THEORY 

Sidgwick and Powell (1940) pointed out that the shapes of molecules could be 
interpreted in terms of electron pairs in the outer orbit of the central atom. Recently, 
Nylholm and Gillespie developed VSEPR. theory, which expla the shapes of 
molecules for non- transition elements. 


Basic Assumption 
The valence electron pairs (lone pairs and the bond panes are arranged around the 
central atom to remain at a maximum distance apart to keep repulsions ata minimum. 


Postulates of VSEPR Theory hit, 
(i) Both the lone pairs as well as the bond pairs participate in Sotcemgining the 


geometry ofthemolecules. _ lemurarret 
(ii) The electron pairs are arranged around the central rua alent stom), 86 

remain at amaximum distance apartto avoid repulsions ites : iN ul i) | me 
(iii) The electron pairs of lone pairs sen space than the ebon pairs.) | 


toms ¥ : 

A bonding electron pair is attracted by both uclei of atoms while non be 
by only one nucle Because a lone pair ase faclear’ a i 
electronic charge is spread out more in spat tha 

non- bonding electron pairs exert greater repuls ive forces 
thustendto compressthebond pairs. 
The magnitude of repulsions betw 
decreases sinthefollowingon d it 
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Lone pair- lone pair > lone pair -bond pair> bond pair - bond pair 

These repulsions are called van der Waals repulsions 
(iv) The two electron pairs of a double bond and three electron pairs of a triple bond, 
contain a higher electronic charge density. Therefore, they occupy more space than one 
electron pair of a single bond, but behave like a single electron pair in determining the 
geometry of the molecule. This is because, they tend to occupy the same region between 
the two nuclei like a single bond. 

In order to illustrate this theory, let us consider that the central atom is ‘A’ and this 
atom is polyvalent. More than one ‘B’ type atoms are linked with ‘A’ to give AB,, AB,, 
AB,, etc. type molecules. It depends upon the valency of A, as to how many B are 
attached with that. Following Table (6.4) gives the shapes of different types of 
molecules. __ Table (6.4) SBapes of molecules according to VSEPR TI Theory — 


Type [Electron Pairs] Pairs Arrangement Molecular Shape Example - 
otpairs | geometry 

rag i=l. nc 

: Hg ec. 















420° 
Trignol ys BH,, BF, 
Trigonal planar ae 8 Alcl, 
eee oF Se SnCl,, SO, 
eee 
leds han 20 


Tetrahedral 


aa 
Tetrahedral A 
Trignol o~ I~» NH,, NF,, 
pyramical less than 109.5° Pus 
Bent (or eG > Ax = 
angular) 
less than 109. = 


1 Molecules ‘este Two Electron Pairs (AB, type) 

Insuch, molecules two electrons pairs around the central atom are 1190" 
arranged at farther distance apart at an angle of 180°, inordertominimize Cl—-Be—Cl 
repulsions between them. Thus, they forma linear geometry. 

Beryllium chloride is a typical linear molecule, which contains 
two electrons pairs. MgCl,, CaCl, SrCl,. CdCl, and HgCl, are also linear ee 
molecules. The central atoms have two electrons in outer most orbitals. Cl—Mg—CI 











2 Molecules Containing Three Electron Pairs — (AB, type:) 
(a2) AB,Typewith no Lone Pairs 

In such molecules, central atom contains three bonding electron pairs, which are 
arranged at maximum distance apart at a mutual angle of 120°, giving a triangular planar 
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geometry. 

The boron atom in BH, is surrounded by three charge clouds, 
which remain farthest apart in one plane, each pointing towards the 
corners of an equilateral triangle. Thus, BH,, molecules has a trigonal 
planar geometry, with each H- B-H bond angles of 120°. 

We expect similar geometries in hydrides of group III-A 
(AIH,, GaH,, InH, and TIH,)and their halides (BF, , AICI, ,etc.) 


(b) AB,-Type with One Lone Pair and Two Bond Pairs 
In SnCl,, one of the comer of the triangle is occupied by a lone’ | C] 
pair, giving rise to a distorted triangular structure in vapour phase. 


{c) AB,-Type with Multiple Bonds ’ 

In SO,, one corner of triangle is occupied by a lone pair and 
two corners each by S=O double bond, while in SO, all three regions, 
each are occupied by S = O bonds. This structure of SO, is perfectly 
triangular. 


(iii) Molecules Containing Four Electron Pairs (AB,- Type:) 
(a) AB, Type with no Lone Pairs : 

The charge clouds due to four electron pairs avoid their 
electrostatic repulsions by drifting apart, so as to maintain a mutual 
bond angle of 109.5°. Such geometry enables to a form a shape of 
regular tetrahedron. 





Examples: 
Each of the four valence electrons of carbon pair up with sole 
electron of hydrogen in methane. 
,C=ls’,2s" 2p! 2p! , 2p, 
The four electron pairs are directed from the center towards 


‘structure has four comers, four faces, six edges San 
es 
(b) _AB,- Type with One Lone Pairs anc 


i, In such cases, the charge clou¢ ert 
eee eleerene) ee t more ti 
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Ammonia, NH, is atypical example. 

_ jN=I1s", 2s", 2p!, 2p, , 2p, 

The non-bonding electron in 2s orbital takes up more space and exerts a strong 
repulsive force on the bonding electron pairs. Consequently, to avoid a larger repulsion, 
the bonding electron pairs move closer that reduces the ideal bond angle from 109.5° to 
107.5°. This effect compels ammonia to assume a triangular pyramidal geometry instead 
of tetrahedral, as in methane. : Madi “ 

_. Similar, affects are evident in the geometries of molecules like PH,, AsH ,, SbH, 
and BiH,. Substitution of hydrogen with electronegative atoms like F or Cl further 
reduces the bond angle. In NF,, the strong polarity of N-F bond pulls the lone pair of N 
atom closer to its nucleus, which in turn exerts a stronger repulsion over bonding 
electrons. Thus, the angle further shrinks to 102°. Moreover, the bond pairs N-F bonds 
are more close to F atoms than N atoms. The increased distances in these bond pairs make 
their repulsions less operative. 


(c) AB,-Type with Two lone Pairs and Two Bond Pairs: 

Presence of two lone pairs, introduces three types of repulsion i.e. lone pair-lone 
pair, lone pair-bond pair and bond pair-bond pair repulsion. For example: water (H,O), a 
triatomic molecule is expected to be an AB, type linear molecule like BeCl, and CO,,. But, 
experimental evidences confirm a bent or angular geometry. VSEPR theory, successfully 
justifies the experimental results by arguing the participation of lone pairs, in addition to 
bond pairs in determining overall geometry of water molecule. 

,O=1s ,2s',2p’,,2p',, 2p’, 

Two of the comers of a tetrahedron are occupied by each 
of the two lone pairs and remaining by bond pairs. But owing to 
spatial arrangement of lone pairs and their repulsive action among 
themselves and on bond pairs, the bond angle in H,O is further 
reduced to 104.5°. H,S, H,Se, H,Te form similar geometries, 


@4.4 Valence Bond Theory (VBT) 

YSEPR theory predicts and explains the shapes of molecules but does not give 
reasons for the formation of bonds. VBT is concerned with both the formation of bonds 
and the shapes of molecules. ; 

This method of describing a covalent bond considers the molecule as a 
combination of atoms. According to the quantum mechanical approach, a covalent bond 
is formed when half-filled orbitals in the outer or valence shells of two atoms overlap, so 





‘ that a pair of electrons, One electron from each atom, occupies the overlapped orbital. As 


a result of this overlap, the electrons with opposite spins become paired to stabilize 
themselves. Larger the overlap, the stronger is the bond. The essential condition for 
chemical bonding is that the orbitals of atoms participating in bond formation must 
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overlap and the direction of the bond is determined by the direction of the two 
overlapping orbitals. Formation of a few molecules as a result of s ands orbital overlap, s 
and p orbital overlap and p and p orbital overlap are discussed below: 

Formation of a hydrogen molecule according to VB theory is shown in Fig (6.4). 
As the two atoms approach each other, their Is orbitals overlap, thereby giving the H-H 
bond. The electron density becomes concentrated between the two nuclei. The bond is 
called a sigma (oc) bond and it is defined as follows: 

A single bond is formed when two partially filled atomic orbitals overlap in such 
a way that the probability of finding the electron is maximum around the line joining the 
two nuclei. 


Separated H atoms Overlapping of orbitals 





Fig (6-4) s an s orbital overlap in Hy } 


Let’s look at a molecule of hydrogen fluoride, HF. The H-F bond is fomed by the 
pairing of electrons - one from hydrogen and one from fluorine. According to VB theory, 
we must have two half-filled orbitals - one from each atom that can be joined by overlap. 


i] 
Hes 1s 

MH ww 
gE) PR2sS peep e2be 


The overlap of orbitals provides a means for sharing electrons, thereby allowing 
each atom to complete its valence shell. The fluorine atom completes its 2p orbitals by 
acquiring a share of an electron from hydrogen as shown below: 


: : i 

Hp i=) ss , oa 
MH i . 

© = 2s 2p, 2p,2p, : 


o 


“The requirements for bond formation are met by aveflanpin the half- alle 


orbital of hydrogen with the half-filled 2p orbital of fluorine. There : are the 
plus two electrons whose spins can adit so they are paired. The for . 
illustrated in Fig.(6. 2 
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The bond in the fluorine molecule, F , is formed by the overlap of half-filled 2p, . 
_ orbital on each fluorine atom, Fig (6.6). 





Fig (6.6) The formation of fluorine molecule. 

Covalent bonds can also form parallel overlap of p orbitals, as shown in Fig.(6.7). 
The result is a pi (zt) bond, in which the greatest electron density lies above and below the 
internuclear axis. Consider, the bonding between nitrogen atoms having the electronic 
configuration 1s*2s* 2p, 2p, 2p,. The three unpaired electrons on each atom are located in 
perpendicular-p orbitals, which are oriented so that if one end-to-end p-orbital overlap 
occurs (resulting: in a sigma bond), the other two p-orbitals cannot overlap in the same 
fashion. Rather, they are aligned parallel to the corresponding orbital in the other atom 
Fig(6.8). 


End-to-end overlap 
of orbitals forms a 
sigma bond 





Sideways overlap * 
of the other orbitals 
. forms two pi bonds 
Fig (6.7) The sideway overlap of two atomic Fig (6.8) The two nitrogen atoms showing 
. porbitalstogivea bond, one sigma bond and two x bonds 


Now, let us look at the masisctte of HLS: This is a non-linear molecule, and the 
bond angle between the two H-S bonds is about 92°. 
Each two 3p orbitals of sulphur, ener one. electron can ayatlap with the Is 
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en 
a ae 


S = 3s 3p, 3p, 3p, 
Thus, the VBT requires the ‘idea of overlap to ee the geometry of the 
hydrogen sulphide SEES Fig. (6.9). 








*6ee 
Ke... 


bane 
ease 


Filled 3p_ 
orbital 





(a) 
Fig 6.9 Bonding in H,S'showing overlap of orbitals 


6.4.5 Atomic Orbital Hybridization and Shapes of Molecules 

So far we have regarded overlap taking place between unmodified atomic 
orbitals. Formation of some molecules présent problems. We face the problem. of 
explaining equivalent tetra-valency. of carbon and the bond angles in H,O and NH, | 
molecules. In order to explain: the formation of bonds and shapes or ‘geometry, of 
molecules, the idea of hybridization has been introduced. . 

According to this, atomic orbitals differing slightly in energy intermix to form 
new orbitals, which are called bynes atomic orbitals. They differ from i parenaet atomic 
satisfactory explanation for the valency of elements. In some cases, electrons belonging Pe) 
to ground state are promoted to excited state as a result of which there is an incites in a. 
number of unpaired electrons. y 

These excited orbitals undergo hybridization simultaneously, becar 
of electrons and hybridization is a simultaneous process. The. energy 
excitation is compensated by the energy released during hy ona 
bond formation with other: atoms. ites a leads ly 


of simples atoms ss arehybridielt 
@ sp’ ‘Hybridization - fgets to 
~ In Son pice one s.and th 





——————— 
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equivalent orbitals called sp’ hybrid atomic orbitals. Let us discuss the structures of 
CH,, NH, and H,O by understanding the sp’ hybridization of carbon, nitrogen and 
oxygen- atoms. 
Bonding and Structure of Methane, Ammonia and Water 
(a) . Methane(CH,) 

The electronic distribution of carbon atom should be kept in mind to understand 
intermixing of orbitals. Electronic configuration of ,C, its electronic excitation and 


hybrization is given as follows: 
: Om © Oo. 
«<C=(groundstate)=ls 2s 2p, 2p, 2p, 
Wo o Oro 
<C=(excited state)=ls 2s # 2p, 2p, 
w 


<C= (hybridized state) =1s a“ sp’ 

The energies of hybrid orbitals are lower than unhybridized Grbitals: Following diagram 

Fig (6.10) shows, how outermost four atomic orbitals of carbon mix up to give four hybrid 
orbitals of equal energy and shape. 


-<<— 
shape of one sp’ orbital 
having two lobes 





Fig (6.10) sp’ hybridization of carbon atom : 


to give four sp’-hybrid orbitals nope sp) nyoria yon 

The four new hybrid orbitals of equal energy have a tetrahedral geometry with 
carbon at the centre. The four equivalent hybrid orbitals are directed towards the four 
comers of a regular tetrahedron. Each sp’ hybrid orbital consists of two lobes, one larger 
and the other smaller. For the sake of simplicity, the small lobe is usually notshown while 
representing sp’ hybrid orbitals. 

The hybrid orbitals are oriented in space in such a manner that the angle between 
them i is 109.5° as shown in Fig(6.11a,b). Methane molecule i is formed by the overlap of 
sp’ hybrid orbitals of carbon with Is orbitals of four 
hyaronee atoms separately to form four sigma 

” The meculed thus formed, possesses a 

edral hse The four C-H bonds which 
ys, overlaps are diprted towards the 








Fig(6.11) Four sp’-s overlaps in 
“ ketene structure of CH, 
aN ~o molecule 
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(b) Ammonia(NH,) } 

To understand the sp’ hybridization of |. 
nitrogen-atom in NH,, we should know electronic 


configuration of ,N. 
Woo 
)N=(groundstate)=ls 2s 2p, 2p, 2p, 


MH Wooo) 

)N =(hybridized state)=1s sp’ sp’sp’sp’ 

2s and three 2p orbitals of nitrogen atom 
hybridize to form four sp’ hybrid atomic orbitals. Fig (6.12) Three sp’- s overlaps in NH, 
They are directed towards the four comers of a ™0lecule to form a pyramidal structure 
tetrahedron: One of the hybrid orbitals is completely filled with electrons and the 
remaining three orbitals are half filled. The nitrogen atom undergoes three sp ’-s overlaps 
with three s-orbitals of hydrogen atoms. The three hydrogen atoms are located at three 
corners whereas the lone pair of electrons is at the fourth comer of the tetrahedron. The. 
result is a pyramidal molecule in which the three hydrogen atoms form the base and the 
lone pair of electrons the apex Fig(6.12). 





The experimentally determined angle in ammonia is 107.5°. The deviation from 
the tetrahedral angle (109.5°) is explained on the basis of repulsion between the lone pair 
and the bond pairs of electrons. The lone pair is closer to the nucleus of nitrogen than the 
bond pair and bond angles are decreased. | 


© Water (H,O) 
To know the structure of water write down the electronic contipuraton of,0 ‘ 


OM wo o 
;O=(groundstate)=Is 2s 2p, 2p, 2p, 


momo | | 
,0 = (hybridized state)=1s  sp’sp'sp’sp’ 


iaetlat 














Here, 2s and three 2p orbitals’ of oxygen (6.3) ws 
hybridize to form four sp’ hybrid o orbitals, which te for 
will have a tetrahedral arrangeme: bybaidotins e 
available lone pairs: of electro 
sp -S overlaps with H atoms 
comers of the tetrahedrot 


elector as, Fig Ck 13). cm ‘ 


ees ——— 







mo 


CHEMICAL BONDING Chemistry-XI 


The bond angle in water is 104.5°. The deviation from the tetrahedral angle 
(109.5°) is explained on the basis of repulsion between the two lone pairs of electrons, 
with bond pairs. The lone pairs are closer to the nucleus of oxygen. They repel bond pairs 
and the bond angle decreases from 109.5° to 104.5°. So, the molecule of water has bent or 
angular structure. 

Gi) sp’- Hybridization 

In sp’ hybridization, one ‘s’ and two ‘p’ atomic orbitals of an atom intermix three 
orbitals called sp* hybrid orbitals. 

Bonding and Structure of Boron Trifluoride and Ethene 

(a) Boron Trifluoride (BF,) 
The three half filled sp* hybrid orbitals are planar and are oriented at an angle of 120°, 
Fig(6. 14). The sp ’ hybridization explains the geometry of planar molecules such as BF,. 
Electronic configuration of .B is, 

il ifaw’ 0 0 


Wy, 7 sB(groundstate)=ls 2s 2p, 2p, 2p, 
este TES Phe 
sB=(excitedstate)=ls 2s 2p, 2p, 2p, 
1 OG) 
As _ B=(hybridized state)=1s sp’ sp’ sp’ 
Ing sp’ hybridization, one s and two p atomic orbitals of an atom intermix to form three 
orbital called sp’ hybrid orbitals. 


Y] 


ha 


py Pa o = RF PGES 
" 


ow st 
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(b) Ethene (CH,=CH,) Ew 
Electronic configuration of ,C is r ai 


fy i). | Tee 
6C=(ground state)=ls 2s 2p, 2p, 2p, ed - 7 
HO oo 
«C=(excitedstate)=ls 2s 2p, 2p, 2p, 
W We oo 
s<C=(hybridized state)=1s sp'sp'sp’ 2p, 

In the formation of ethene molecule, each carbon atom undergoes sp 
hybridization to form three hybrid orbitals which are coplanar and are oriented at an - 
angle of 120°. Each atom is left with one half filled p-orbital perpendicular to the planar 
sp’ hybrid orbitals. One of the p-orbitals does not take part in hybridization. Each carbon © 
atom undergoes sp’-s overlaps with two hydrogen atoms and sp-sp’ overlap between 
themselves to form sigma bonds. These overlaps lead to the Bigs shown in Fig (6.16a). 
The partially filled p-orbitals undergo sideways 
overlap to form a p-bond. 

So, a m-bond is formed by the sideways 
overlap of two half filled co-planar p-orbitals in 
such a way that the probability of finding the 
electron is maximum perpendicular to the line 
joining the two nuclei. It should be made clear 
that 1-bond is formed between two atoms only 
when they are already bonded with a sigma 
| bond. 

The two clouds of the z-bond are 
perpendicular to the plane in whichfive z-bonds 
are lying. Just like o-bond, n-bond can be” 
represented by a line as in Fig (6.16 b). The ar ve 
shape of C,H, is shown in Fig. (6.16 c). 
(iii)  sp-Hybridization ‘/ two} Ce eauaset 

In sp hybridization, one ‘s’and one‘ p’ ue! +e as iste 
orbitals intermix to form two sp-hybrid orbitals called sp Is. 

Bonding and Structure of ‘Beryhium Diehlor leand nc 
(a) _ Beryllium Dichloride 

Electronic configuration of, ‘Be is 
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The two sp hybrid orbitals lie in linear way, Fig (6.17). The sp hybridization 

| explains the geometry of linear molecules such as beryllium chloride, BeCl,. It is formed 

' when two sp hybrid orbitals of Be atom overlap with the half filled p-orbitals of chlorine 
atoms. The outermost halffilled 3p, orbital of Cl has lobe shape. 





Fig (6.17) sp-hybridization to form a linear structure 
Be atom lies at the center and two Cl atoms on either side so that the Cl-Be-Cl 
angle is 180°. 





(b) Ethene(CH=CH) 


The electronic configuration of Lea aa)y 
WoW 3 


«C=(groundstate)=ls 2s 2p, 2p, 2p, 


HOO 


sC=(excitedstate)=1s 2s 2p, 2p, 2p, 


tm ow 


C= (hybridized State)=1s sp’ sp* 2p, 2p, 


Ethyne is formed as a result of sp 
hybridization of carbon atoms and|~ | 

. subsequent formation of o and x bonds. | fis 
Each carbon atom undergoes sp-s overt 
| with one hydrogen atom and sp-sp over ap 
with other carbon atom. Each carbon atom is 
left with two Spears p orbitals } Kis) 













: orbitals, The two alf filled 5 Pp orbitals (on 
‘] __ separate carbon atoms) are parallel to each | 
hy other in one plane while the other two.p ~ 34 
sopitals are parallel to each other in eee Pw 
sideways 7 Over an pen the, 


ig Sug, las 2 
a mee 
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two 7 bonds between the two carbon atoms and each carbon atom is bonded with, one H 
atom through o bond. Actually, four electronic clouds of two x-bonds intermix and 
surround the sigma bond in the shape ofa drum. 


6.4.6. Molecular Orbital Theory 

The molecular orbital approach considers the whole molecule as a single unit. It 
assumes that the atomic orbitals of the combining atoms overlap to form new orbitals 
called molecular orbitals which are characteristic of the whole molecule. The molecular 
orbital surrounds two or more nuclei of the bonded atoms. Two atomic orbitals, after 
overlapping, form two molecular orbitals which differ in energy. One of them, having 
lower energy, is called bonding molecular orbital while the other having higher energy is 
called anti-bonding molecular orbital. The 
bonding molecular orbital is symmetrical about |~ 
the axis joining the nuclei of the bonded atoms |_ Le 
(molecular axis). It is designated as sigma (o) 
bonding molecular orbital while the antibonding 
molecular orbital, is called o*. The process of a fo aa 
formation of molecular orbitals from 1s atomic Ms so ai 
orbitals of hydrogen is shown in Fig (6.19). 

The filling of electrons into the molecular z “an 
orbitals takes place according to the Aufbau 7a Franti : 
principle, Pauli’s exclusion principle and Hund’s hydrogen molecule (H,) 
tule. The two electrons (one from each hydrogen atom), thus fill the low energy 


G,,-orbital and have paired spin ( |}}), while the high energy o*1s orbital remains empty. 


So far, we have considered s and s orbital overlap for the formation ofmolecular — 
orbitals of hydrogen molecule. Other types of overlaps CREE betweenp and p atomic 
orbitals to form molecular orbitals are is ee 
described below. There are three 2p |) 37 aE me 
atomic orbitals directed along the three /. cl Lee 
perpendicular x, y and z co-ordinates. For |” 
the formation of molecular orbitals from | 
p- orbitals, twocasesarise: _ | 


= 
= 

































a) © HeadonApproach » = 
Here, the:p-orbitals of the two" - 

atoms approach along the same axis (i. e., axis) asshown: nFig. (6. 

This combination of the atomic orbitals gives rise to o(2 

bonding molecular orbitals. Both ata aneteteen the 


(b) "Sideways Approach’ - bn eo Seal 
= Wiertticaxts oftap catiaad Pp ort ia le] to each other, th 
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interact to form molecular orbitals as . wap) 6 


OTe 


shown in Fig (6.21). 

The bonding molecular | 
orbitals x (2p,) or m (2p,) have zero 
electron density on the nuclear axis | 
(called the nodal plane). The electron | 
density is uniformly distributed above | 
and below the nodal plane. On the | = 
other hand, anti-bonding molecular Fig (6.21) Sideways overlap of two p-orbitals 
orbitals x* (2p,) and x* (2p,) have the 
least electron density in the x inter-nuclear region. Since the 2p, and 2p, atomic orbitals 
are degenerate (having the same energy), the x - molecular orbitals i.e. x (2p,) and x (2p,) 
are also degenerate. So, are also the x*(2p,) and x* (2p,) molecular orbitals. 

Overall six molecular orbitals (three bonding and three anti-bonding) are formed 
from two sets of 2p atomic orbitals. The bond formed as a result of linear overlap is o 
bond, while that formed as a result of sideways overlap is called a x (pi) bond. As there 
are three bonding molecular orbitals, the p-orbitals overlap can lead to the formation of at 
the most three bonds: one sigma and 








two 2-bonds. ‘ ABMO epee o°(2p,) 
. | M 
Relative Energies of the Molecular Ios rap \e fw \ 

. pala. al 
Orbitals 2270, Nas af 20207 ss Zo. \\ otto) ye 22020, 
The relative energies of the \ Y : fs 

molecular orbitals formed from 2s w(25) x(2p) 80 

and 2p:atomic orbitals in the case of tes) 

homonuclear di-atomic molecules 

are shown in Fig (6.22), aS 
The energies of the molecular 0») 80, BN, 


3 rb itals By e determined b y Fig (6.22) (a) Molecular orbital energy diagram 
spectroscopic measurements. The for O,, F, and their positive and negative ions (b) 


molecular orbitals of diatomic Molecular orbital energy diagram. 
molecules such as O,, F, and their eras Ber Brand Nr 
~~ positive and negative ions can be acengedit in the following increasing order of energy, 
Aes iS (6. 22a). wt. see 
__ o(1s)<a*(1s)<o(2s)<o # (28)<o(2p.)<n(2p,)=n(2p) <m* (2p,)=n(2p,)<o*(2p,) 
The diatomic molecules, such as N, and other lighter molecules like B,, C, show 
slightly different energy order. See Fig (6.22 b): 
o Is<o* 1s<o(2s)<o* (2s) Sm p)= 7(2p,) <0 (2p,)<1* 2p.) =n* (2p,)<0* (2p). 


ET) I ate Or ae 7a ate Feel 
It has been observed that in case eof B, C, and N,, o2p.38 higher in energy ‘than — 
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2p, =12p, MOs. This reversal is due to mixing of 2s and 2p, atomic orbitals. 

Actually, the energy difference of 2s and 2p atomic orbitals is small. There is a 
possibility of mixing of these orbitals (i.e., hybridization of A.O.) as a result of which o,, and 
o*,, MOs do not retain pure s-character. Similarly, o2p, and o*2p, MOs do not have pure 
p-character. All the four MOs acquire sp-character. Due to this mixing, their energies change” 
in such a way that MOs «2s and o*2s become more stable and are lowered in energy MOs as 
o2p, and o*2p, become less stable and are raised in energy. Since, mp-orbitals are not 
involved in mixing, so energy of x2p=n2p, remains unchanged. o2p, is raised to such an 
extend that it becomes higher in energy than p-bondings. 

Anyhow, O, and F, do not do so. The reason is high energy difference of their 2s 
and 2p, i.e., 1595 and 2078 kJ mol" for O, and F, , respectively. These values are 554kJmol" 
for boron, 846 kJ mol” for carbon, and 1195 kJ mol" for nitrogen. These energy differences 
have been calculated by spectroscopic techniques. 


Bond Order 
The number of bonds formed between two atoms after the atomic orbitals overlap, is 
called the bond order and is taken as half of the difference between the number of bonding 
electrons and anti-bonding electrons. The number of bonds formed between H-atoms in 
hydrogen molecule may be calculated as follows: 
Number of electrons in the bonding orbitals 
Number of electrons in the anti-bonding orbitals 


2 
0 
Bond order = a =a 


It is acommon practice that only MO, formed from valence orbitals are considered in. 
bond order calculations. 


e ‘ 
+ 


Molecular Orbital Structures of Some Diatomic Molecules 
(D Helium (He,) 


form one bonding o (1s) and one anti- f 
bonding o (1s) orbitals as shown in Fig | 
(6.23). 


molecular orbital o (Is) and the Temaining 
two go to anti bonding o* (Is) molecular | __ 

| Nyame arian 
coals ttteng: Sore STA os AVE 
Thébond order for He, is zeroes aD eoe a1 
abe ts He: molecule isaotioaaa a 2 


CHEMICAL BONDING Chemistry-XI 
(ii)  Nitrogen(N,) 

The molecular orbital structure of N, molecule is shown in Fig (6.24). Electronic 
configuration of N, molecule is 
5 ( 1s°) <6 *(Is") <o (2s") <o * ( 2s") <n (2p’,) =n (2p’,) <o(2p’, )< x *(2p,)= x *(2p,) 
<o*(2p,) 

From the electronic configuration of 
N,, it is clear that six electrons enter into three 
outermost bonding orbitals while no electrons 
enter into anti-bonding orbitals. Thus, the 
bond orderin N, molecule is =. £23, 
which corresponds to the triple bond ss) ABMO 
consisting of one sigma and two 7m bonds. The 
bond dissociation energy of N, is very high, 
i.€., 941 kJ mol”. Fig. (6.24) Molecular orbitals picture of N, molecule. 


2p). x, (2P,) 





(iii) Oxygen(O,) 

The formation of molecular orbitals in oxygen molecule is shown in Fig. (6.25). 
The electronic configuration of O, is 
5(Is)'<o *(1s)"<o (2s)' <o* (2s)'<o (2p,)<n(2p,)’ =n(2p,)*<x *(2p,)'=", *(2p,)' <o*2p, 
The bond order in O,, is °=* — >, which 
corresponds to a double bond? 

This is consistent with the large ay 
bond energy of 496kJ mol of oxygen DDR \_apena) =,0 
molecule. Fig(6.25) shows that the filling of 2Px2hy 2s 
molecular orbitals leaves two unpaired 
electrons ineach of the n*(2p,) and x*(2p,) 
orbitals. Thus, the electronic configuration 
of the molecular orbitals accounts 
admirably for the paramagnetic properties 
of oxygen. This is one of the greatest | 
successes of the molecular orbital theory. ——————— 
Liquid O, is attracted towards the magnet. Fig. (6.25) Molecular orbitals 

Anyhow, when two more electrons tgs 

_are given to O,, it becomes OF . The -paragmanetism vanishes, Similarly, in O3" the 
‘unpaired electrons: are removed and paragmagnetic property is no more there. Bond 
order of O} and O; are also different from O, and are one and three, respectively. 

Similarly, ™M.O.T [ justifies that F, has bond order of one and Ne does not make.a 


bond with Ne. 
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65 BOND ENERGY, BOND LENGTH AND DIPOLE 
MOMENT 


6.5.1 Bond Energy (bond enthalpy) 

When a bond is formed between two atoms, energy is released. The same amount 
of energy is absorbed when the bond is broken to form neutral atoms. So, the bond energy 
is the average amount of energy required to break all bonds of a particular type in one 
mole of the substance. It is determined experimentally, by measuring the heat involved in 
a chemical reaction. It is also called bond enthalpy, as it is a measure of enthalpy change 
at 298 K. The enthalpy change in splitting a molecule into its component atoms is called, 
enthalpy of atomization. 

The bond energy is given in kJ mol’ which is the energy required to break 
Avogadro’s number (6.02 x 10”) of bonds. It is also released when Avogadro’s number of 
bonds are formed. Tabie (6.5). 


Table (6.5) Average bond enthalpies of some important bonds (kJ mol’). 


Bond Bond Bond Bond 
Bond energy Bond energy Bond energy Bond energy 
(kj mol") (k] mol aie ana mol") =e mol") 
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(i) Electronegativity difference of bonded atoms (ii) Sizes of the atoms 
(iii) Bondlength 

Let us consider, first the part played by electronegativity difference. Look at the 
bond energies of H-X type of compounds, where X=F, Cl, Br, I, Table (6.6).This data 
shows that electrons are not equally shared between the bonded atoms i.e. HX. As 
halogen atom is more electronegative, the bonded pair is more attracted towards X atom 
and thereby polarity develops. This gives rise to additional attractive force for binding. 

From the difference between experimental bond energies and those calculated by 
assuming equal sharing, it is possible to estimate relative electronegativities. The 
comparison ofthese values shows that the discrepancy is the greatest for HF and the least 
for HI, Table (6.9). 

Let us calculate, the increase in the strength of H-Cl bond, due to the ionic 
character present in it. 

The H-H bond energy is 436 kJ mol" 

H+H —> H, AH = -436 kJ mol" 

It means 436 kJ of heat is required to break the Avogadro’s number of H, 
molecules into individual atoms. Thus, bond energy per bond is 72.42 x 10” kJ. This is 
obtained by dividing 436 by 6.02 x 10”. As the bonding electron pair is equally shared 
between the two H-atoms, we can assume that each bonded H-atom contributes half of 
the bond energy, i.e., 36.21x10™ kJ. 

Similarly, the bond energy for Cl, is 240 kJ mol”. Therefore, each Cl-atom should 
contribute 19.93 x 10” kJ to any bond, where sharing of an electron pair is equal. 

Let us, now consider, the bond in HCl. This bond is polar, but we consider the 
electron pair to be equally shared. On adding up the bond energy contributions of H-atom 
and Cl-atom, we expect the bond energy of 
H-Cl to be 56.14 x 10° kJ per molecule Table (6.6) Comparison of experimental 
which is the sum of 36.21xl0™ kJ and and theoretical bond energies 


19.93x10™ kJ. 
For Avogadro’s number of HCl 
molecules, the calculated bond energy is 


337.96 kJ mol’ which is obtained by 
= a. : mT) oe: . -23 
multiplying 56.14.x 10” with 6.02 x 10 (clelte 


The experimentally found bond energy for 
HCI is 431 kJ mol”. The observed bond 
energy is significantly greater than the 


X-X 
H-X 
d) 
enea| 
calculated value and that means a more 


stable H-Cl bond. This stability i is due to 
the ionic character present in the molecule. The decreasing polarity from. HF to HI 


shows.a trend toward equal sharing of electrons which is consistent with decreasing 





electronegativity from F tol. 
Thebans wat higher bond ene 






ues have shorter bond lengths. The bond 
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energies of C to C bonds being in the order C = C >C=C>C-C, their bond lengths are in 
the reverse order i.e. C-C > C=C >C=C. 


6.5.2 Bond Length 

The distance between the nuclei of two atoms forming a covalent bond is called 
the bond length. The bond lengths are experimentally determined by physical 
techniques. The techniques may be electron diffraction, X-ray diffraction or spectral 
studies. 

The covalent bond length between two atoms is often but not always independent 
of the nature of the molecules. For instance, in most of the aliphatic hydrocarbons, the 
C-C bond length is very close to 154 pm. The C-C bond length is also found to be the 
same in diamond. 

The covalent radii for 
different elements are almost able (6.7) Some selected bond lengths alongwith 
additive in nature. The single bond and hybridization of central atom. 
covalent radius of carbon is 77 pm 
which is half of the C-C bond 
length (154 pm). Similarly, the 
covalent radius of Cl is 99 pm i.e. 
one half of the Cl-Cl bond length 
(198 pm). So the bond length of 
C-Cl bond will be 77 + 99= 176 pm. 
Some selected bond lengths are 
given in Table (6.7). 

With an increase in 
electronegativity difference 
between the bonded atoms, the 
bond becomes shortened. For 
example, Si-F bond length in SiF, is 
found to be 154-159 pm, whereas = 
the addition of their covalent radii 
(Si=117 pm and F=64 pm) gives Act SS 
Si-F bond length to, be equal to : nee ey Se 
181pm, Table (6.7). The calculated values are almost always igher. duc. t 
electronegativity differences. The ionic character results in shortening of thet ond engi 
due to force ofattractionbetweenthepolarends. 

~~ Moreover, hybridization scheme involved, also e: : fains the : of tening ¢ 
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| ' The bond length increases, as we move from top to bottom in group IV-A of the 
periodic table. Thus, Si-Si bond length is more than C-C bond length in group IV-A and 
P-P bond length is much more than N-N bond length in group V-A. As the atomic radii 
. increase in a group (N to P or C to Si), the effect of the effective nuclear charge decreases 
on electrons. As a result the bond length will increase. 

In the periodic table, shortening of bond lengths occurs from left to right in, a 
period. This can be attributed to the pull by nuclear charge with the same value of 

principal quantum number. Therefore, C-C bond length is greater than N-N bond length. 


6.5.4 Dipole Moment 

In heteronuclear molecules, e.g. HCI where the 
bonded atoms are of different elements, the molecule 
becomes polar due to the electronegativity difference. 
Partial positive and negative charges become separated 
on the bonded atoms. The separation of these charges 
on the molecule is called a dipole and the molecule is 
said to have a dipole moment. 

The dipole moment is a vector quantity, which Fig. (6.26) Dipole moment and 
has amagnitude as well as a direction. its vector representation 

___ Fig (6.26) illustrates the dipole and its vecrtor 

representation. The dipole moment (1) is defined 'as the 
product of the electric charge (q) and the distance 
between the positive and negative centres (r): 
+ : B=qxr 
The dipole moments of simple heteronuclear 
‘diatomic molecules like HF, HCl, HBr. HI, CO, NO, etc. 
are directed from electropositive ends to electronegative 
ends. , 





Table (6.8) Dipole moments of 
some substances in Debyes. - — 


(D) 





a The dipole moments are measured in Debye (D) 
Junits. Let us consider a hypothetical molecule (A‘—B)), 
or a unit negative charge separated from a unit positive 
charge by distance r= 100 pm (1 A). The dipole moment 
of such a molecule can be calculated by multiplying the 
distance 100 pm to charge of one electron or proton, i.e., 
1.6x10°C. Po Ww 

= (1.6022x10-"C)x (100x10"“m) = 1.6022x10” mC 

| ____ Another unit of dipole moment is Debye. The 
| ‘equivalence of Debye and mC is | D 3.336 x10" mC. } 
‘So, the dipole moment of the above system in Debye _ 

| units 1s, -1,6022x10%mC NWS sasertls it | 
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The dipole moments of some substances in Debye units are given in Table (6.8). 

If the molecule is polyatomic and contains two or more dipoles, then the net 
dipole moment is the resultant of the vector addition of the individual bond moments. 
Examples of CO, and H,O are shown in Fig (6.26). 


c= c=Fo Za 


netp =0 





ieee rete 1250" “| 
e) 4 


Fig (6.26) Vector addition of bond moments in 
(a) linear CO, molecule and (b) angular H,O molecular 


6.5.5 Dipole Moments and Molecular Structure 
Dipole moment provides two types of information about the molecular structure: 
(i) Percentage ionic character ofa bond 
(ii) | Angles between the bonds or the geometry of molecules 


ite eu 


TRE an iD 


~~ (Wi) Percentage Ionic Character 
= ~From the experimentally determined dipole moments,-the-percentage i ionic a 

| character in a bond can be calculated. For this purpose, we should know the. actual dipole 

| moment p,,,,. of the molecule and actual Rone Jength The dipoles moment of 100% ionic 
compound is represented a [oni Tj aan 
a . %age of ionic characters obs_x 100 
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6.6 THE EFFECT OF BONDING ON THE PROPERTIES OF 
COMPOUNDS 
The properties of substances are characterized by the types of bonding present in 
them. Here, we shall consider the effects of the type of bond on physical and chemical 
properties of compounds. 


(1) Solubility 
(a) Solubility of lonic Compounds 

Mostly, ionic compounds are soluble in water but insoluble in non-aqueous 
solvents. When a crystal of an ionic substance is placed in water, the polar water 
molecules detach the cations and anions from the crystal lattice by their electrostatic 
attraction. Thus, the ions are freed from the crystal lattice by hydration. This happens 
when the hydration energy is greater than the lattice energy and the ions are freed from 
their positions in the crystal. Many ionic compounds do not dissolve’ in water, as the 
attraction of water molecules cannot overcome the attraction between the ions. For the 
same reason, non-polar solvents like benzene and hexane do not dissolve, ionic 
compounds. 


(b) Solubility of Covalent Compounds 

In general, covalent compounds dissolve easily in nonpolar organic solvents 
(benzene, ether, etc.) Here, the attractive forces of solvent molecules are enough for 
overcoming the intermolecular forces of attraction. Mostly, covalent compounds are 
insoluble in water. However, some of them dissolve in water due tobydrogen bonding. 
(2) isomerism ae 
(a) Non-Directional Nature of Ionic Bonds will very 





The ionic compounds involve electrostatic lines of forces between oppositely } 
charged ions. Therefore, such bonds are non-rigid and: non-directional. B ecaul piu 
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reaction between ions occur rapidly. For example, addition of silver nitrate solution to 
sodium chloride solution produces a white precipitate of silver chloride instantaneously. 
The reaction is rapid because on mixing the solutions, no bonds have to be broken, only a 
new bond is formed. The ionic compounds have already been broken while forming their 
aqueous solutions. ° 


(b) Speed of Reactions of Covalent Compounds 

Since, there is no strong electrical force to speed up a chemical reaction (like in 
ionic reaction), the covalent bonds are generally much slower to react as they involve 
bond breaking and making of bonds. The molecules undergo a chemical change as a 
whole. Covalent bonds react in a variety of ways and their reactivity depends upon the 
way areaction proceeds and the kind ofareaction. 


KEY POINTS 
i Atoms combine together due to their inherent tendency to attain the nearest noble 
gas electronic configurations and the formation of a chemical bond always 
results in a decrease ofenergy. 


2. The size of an atom is expressed in terms of atomic radius, ionic radius and 
covalentradius and van der Waals radius. 
i). It is necessary to understand thermodynamic properties of elements. The 


minimum amount of energy required to remove an electron from an atom in 

gaseous state is called ionization energy. It depends upon the atomic size, nuclear 

charge and shielding effect of electrons. The electron affinity of an atom is the 

energy given out when an electron is added to a gaseous atom. The tendency ofan 

atom to attract a shared pair of electrons to itself is called electronegativity. 

Fluorine, is the most electronegative atom and it has arbitrarily been given a 
_ value of4.0. 

4. The ionic bonds are formed by transfer of electron from one atom to another. 
Covalent bonds are formed by mutual sharing of electrons between combining 
atoms. After the formation of a coordinate covalent bond, there is no distinction 
between a covalent bond and a coordinate covalent bond. 

Sh A polar covalent bond is formed when atoms having different electronegativity 

~ values mutually share their electrons. Due to polarity, bonds become shorter and 
stronger and dipole moment may, develop. 

6. According to valence bond theory, the atomic orbitals overlap to form bonds but 
the individual character of the atomic orbitals is retained. The greater the overlap, 
the stronger will be the bond formed, 

af The VSEPR theory gives information about the general shapes and bond angles 
of molecules. It is based upon repulsion between bonding and lone pairs of 
electrons, which tend to remain at maximum distance apart so that interaction 
between them is minimum. TREE concept provides an alternate way to explain 
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8. The geometrical shapes and bond angles are better explained by different 
hybridization schemes, where different atomic orbitals are mixed to form hybrid 
orbitals. 

9. According to molecular orbital theory, atomic orbitals AtcEln to form molecular 


orbitals, n atomic orbitals combine to form n molecular orbitals. Half of them are 
bonding molecular orbitals and half antibonding molecular orbitals. In this 
combination, the individual atomic orbital character is lost in order to form an 
entirely new orbital that belongs to the whole molecule. The theory successfully 
explains bond order and paramagnetic property of O,,. 

10. The bond energy is defined as the average amount of energy required to break all 
bonds of a particular type in one mole of the substance. It is a measure of the 
strength of the bond. Stronger the dipole of a bond, greater will be the bond 
energy. 

1l. The distance between the nuclei of two atoms forming a covalent bond is called 
bond length. In general, itis the sum of the covaleht radii of the combined atoms. 

12. The dipole moment may be defined as the product of electric charge (q) and the 
distance (r) between the two oppositely charged centres. It is a vector quantity as 
it has magnitude and direction. It plays a major role, in determining the % age 
ionic character of a covalent bond and the shapes of molecules. It has magnitude: 
and direction. a 

13. Properties of substances are characterized by the type of bonds present in them. 


EXERCISE 
Q.1 Select the correct statement. ; 
(i) Anionic compound A’B is most likely to be formed when: 
(a) the ionization energy of Ais high and electron affinity of B is low. 
(b) the ionization energy of Ais low and electron affinity of B is high. 
(c) both the ionization energy of A andelectron affinity of B are high. 
(d) both the ionization energy ofA and electron affinity of B arelaw. 
(ii) | Thenumberofbondsinnitrogenmoleculeis: ‘. 
(a) onecandonex . ¥ 
(b) onecandtwon ; . ; 
(c) three sigma only —s a: 
(d) twocandone 
_ (iii) | Which of the following statement: is not correc 
molecular orbitals? . 
(a) Bonding molecular orbitals possess less en 
which they are formed. _— 
(b) Bonding molecular orbitals hav alg e 
nuclei. — aoa 
(c) ee electron in, te b opt ng 
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constructive interference. 
(iv) Whichofthe following molecules has zero dipole moment? 
(a) NH, (6) CHCl, (c) HO (d)_ BF, 
(v) Which of the hydrogen ‘halides has the highest percentage of ionic 
character? - 
(a) HCl (b) HBr a (C)mueeriru, (G).. Fl 
(vi) | Which of the following species has unpaired electrons in antibonding . 
molecular orbitals? 


fa)eOn(b) NGC): ..B, .@ -F, 
Q.2 F ill in the blanks 
(i) The tendency of atoms to attain maximum of electrons in the 
valence shell is called completion of octet. | 
(ii) | The geometrical shape of SiCl, and PCI, can be explained on the basis 





of ‘and —_—__hybridizations. 

(iii) | The VSEPR theory stands for : 

(iv) ForN, molecule, the energy of o (2p), orbital is than 
7(2p,) orbital. 

(v) The paramagnetic property of O, is well explained on the basis of MO 
theory in terms of the presence of electrons in two 
MO orbitals. 

(vi) The-values of dipole moment for CS, is while for SO, is 

(vii) Thebond order of N, is ‘__ while that of Ne, is 


Q.3 Classify the statements as true or false. Explain with reasons. 
(i) The core of an atom is the atom minus its valence shell. 
(ii) The molecules of nitrogen (N=N) and acetylene (HC=CH) are not 
isoelectronic. 
(iii) | There are four coordinate covalent bonds in NH, ion. 
(iv) A o-bond is stronger than a m-bond and the electrons of o-bond are 
more diffused than z-bond. 
(v) The bond energy of heteroatomic diatomic molecules increases with the 
decrease in the electronegativities ofthe bonded atoms. 
(vi) With increase in bond order, bond length decreases and bond strength 
increases. 
(vii) The first ionization energies of the elements rise steadily with the 
increasing atomic number from top to bottom ina group. 
(viii) A double bond is stronger than a ' single bond and a triple bond is weaker 
b aes 
_ x), The bones formed between the elements having electronegativity 
: difference more than 1.7 are said to be covalent in nature. 
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between the two lone pairs. 

(xi) | The number of covalent bonds an atom can form is related to the number 
of unpaired electrons it has. 

(xii) The rules which govern the filling of electrons into the atomic orbitals 
also govern filling of electrons into the molecular orbitals. 

Q.4 What is a chemical bond? Discuss the formation of ionic and covalent bonds. 
How does the electronegativity differences differentiate between ionic and 
covalent bond? 

Q.5 (a) Define ionization energy and electron affinity. How these quantities 
change in the periodic table. What factors are responsible for their 
variation? 

(b) Explain, what do you understand by the term electronegativity? Discuss 
its variations in the periodic table. How does it affect the bond strengths? 

Q.6 Write the Lewis structures for the following compounds: 

(i) HCN (ii) CCl, (iii) CS, (iv) H,N—AIF, 
(v) NH,OH(vii) H,SO, (vii) H,PO, (viii) K,Cr,0, 
(ix) N,O; (x)  Ag(NH,),NO, 
Q.7 (a) _ Explain qualitatively the valence bond theory. How does it differ from 
molecular orbital theory? ' 
(b) How the bonding in the following molecules can be explained with 
respect to valence bond theory? Cl, O,,N,, HE, H,S. 

Q.8 Explain VSEPR theory. Discuss the structures of CH,, NH,, H,0, BeCL, BF,, 
SO,, SO, with reference to this theory. et 

Q.9 The molecules NF, andBF, all have molecular formulae: ofthe type XF,. But they: 

= have different structural formulas. Keeping in view VSEPR theory sketch the 
shape of each molecule and explain the origin of differing in shapes. 

Q.10 The species NH;, NH,, NH,’ have bond angles of 105°, 107.5° and109.5) 
respectively, Justify these values by drawing theirstructures. aft 7 

Q.11 (a) Explain atomic orbital hybridization with reference eos P 

; modes of hybridizations for PH,, C,H, and C,H,. Discuss ge cometries ¢ Bs 
CCl,, PCL, andH,S of Beh, ge hat cata a 
(b) The linear geometry, of, BeCl, Bane betape 
_ hybridized. ‘What ‘type of apiece dizati 
the atoms bonded to it 


tcanale Oeste re ne 





= Shr FOR 


CHEMICAL BONDING ' Chemistry-XI 


Q.13 


of O,,0;° and OF species? 
a) Sketch the molecular orbital pictures of 
(1) m(2p,.)andz*(2p,) (ii) O,,0,* 0.” (iii) He. and Ne, 


.'b) . Sketch the hybrid orbitals of the species, PCI,, SiCl, and NH; 


Q.14 


Q.15 


Q.16 


Q.17 


Q.18 





(a) Define bond energy. Explain the various parameters which determine its 


strength. 

(b) | Howdo-youcompare the bond strengths of: 

(i) Polar and non-polar molecules (ii) o-and x-bonds? 

(c) Calculate the bond energy of H-Br. The bond energy of H-H is 436 
kJmol" and that of Br- Bris 193 kJmol'". (Ans : 314.5kJmol!") 

(a) Define dipole moment. Give its various units. Find relationship between 
Debye and mc. How doesit help to find out the shapes of molecules? 

(b) The bond length of H-Br is 1.4 x10°"m. Its observed dipole moment is 
0.79D. Find the percentage ionic character of the bond. Unit positive 
charge =1.6022x10"Cand1D=3.336x 10 mc. 

(Ans: 11.7%) 

PF; is apolar molecule with dipole moment 1.02 D and thus the P-F bond is polar. 

Si, is in the proximity of P in the periodic table. It is expected that Si-F bond 

would also be polar, but SiF, has no dipole moment. Explain it? 

Which of the following molecules will be polar or non-polar, sketch the 

structures and justify your answer. ; 

(i) CCl, (ii) SO, (iii) NF, (iv) So, 

Explain the following with reasons: 

(i) Bond distance is the compromise distance between two atoms. 

(ii) | The distinction between a coordinate covalent bond and a covalent bond 

vanishes after bond formation in NH,", H,O’ and CH,NH,’. 

(iii) The bond-angles of H,O and NH, are not 109.5° like that of CH,. 
Although, O- and N-atoms are sp” hybridized. 

(yi)  1-bonds are more diffused than o-bonds. 

(vy) The abnormality of bond length and bond strength in HI is less prominent 
than that of HCI. 

(vi) | Thedipole moments of CO,, and CS, are zero, but. that of SO, is1.61D. 


(Wii) ~The melting points, boiling points, heat of vaporizations and heat of 


sublimations of electrovalent compounds are higher as compared with 
those of covalent compounds. 
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Chapter 7 
-THERMOCHEMISTRY 


It is matter of common observation that energy in the form of heat, is either 
evolved or absorbed as a result of a chemical change. This is due mostly to the breaking 
of bonds in the reactants and formation of new bonds in the products. Bond breaking 
absorbs energy but bond making releases it. The overall energy change that occurs, 
results from the difference between energy supplied for the breaking of reactant bonds 
and that evolved in the making of product bonds. The study of heat changes 
accompanying a chemical reaction is knownas thermochemistry. 

Substances exist, because they possess energy. Different substances have 
different amounts of energy associated with them. Due to this reason, the total energy of 
the products is never equal to that ofreactants. Hence, ina chemical change, the energy in 
the form of heat will either be evolved or absorbed and this is calledheatofreaction. _ 

Generally, in all chemical changes, energy is exchanged with the surroundings. 
When it is given out by the reaction, the change is said to be exothermic when it is 
absorbed, the reaction is endothermic. 

When an exothermic reaction occurs, heat is given out by the system tit the 
temperature of the system rises above the room temperature. Eventually, the tem re 
of the system falls to room temperature again as the heat produced is lost to 
surroundings. 

When an endothermic reaction occurs, the heat required for the reaction is taken 
from the reacting materials (system) and the temperature of the system falls below the ih 
initial temperature. Eventually, the temperature of the system ri rises t boys re 
again as heat is absorbed from the surroundings. cr heocicmaciae 

_ The energy units in which heat changes, ‘usually exp expr 
joule (J) and kilojoule (kJ). 5 ears 
: Some of the examples socnmaiecleteet reactions: 
() The Raita co omumnon rea 
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(iti) | Inthe Haber’s process, the formation of ammonia is also an exothermic reaction. 
N, (g)+3 H,(g) = 2NH, (g) AH=-41.6kJ mol". 

(iy) | Thedecomposition of water into oxygen and hydrogen is an endothermic reaction. 
2H,O(€) — > 2H,(g)+0,(g) AH=+285.59 kJ mol”. 

(v) When one mole of nitrogen combines with one mole of oxygen to yield nitrogen 

oxide (NO), 180.51 kJ of heat is absorbed by the system and the reaction is endothermic. 
N,(g)+0,(g) —> 2NO(g) AH=+180.51 kJ mol” 

The subject matter of thermochemistry is based on the first law of 
thermodynamics. The subject has an important practical utility as it gives us information 
about the energy or heat contents of compounds, a knowledge of which is necessary for 
the study of chemical bonding and chemical equilibrium. The scope of thermochemistry 
is limited mainly, because only a few of many chemical reactions are such, whose heats 
of reaction can be accurately measured. 


7.1 SPONTANEOUS AND NON-SPONTANEOUS REACTIONS 

A process which takes place on its own without any outside assistance and moves 
from a nonequilibrium state towards an equilibrium state is termed as spontaneous 
process or natural process. It is unidirectional, irreversible and a real process. Some 
examples of spontaneous processes are given below. 

(i) Water flows from higher level to the lower level. The flow cannot be reversed 
without some external aid. 
(ii) _—- Neutralization of a strong acid with a strong base is a spontaneous acid-base 
reaction. 
NaOH (aq)+HCl (aq) == NaCl (aq)+H,O(2) 

lil) | Whenapiece of zinc is added to the copper sulphate solution, blue colour of the 
solution disappears due to the spontaneous redox reaction. 

. CuSO, (aq)+Zn (s) —> ZnSO, (aq) + Cu(s) 

A reaction will also be called a spontaneous process, if it needs energy to start 
with, but once it is started, then it proceeds on its own. Burning of coal and hydrocarbon 
in air are examples of such spontaneous reactions. A piece of coal does not burn in air on 
its own rather the reaction is initiated by a spark and once coal starts burning, then the 
reaction goes spontaneously to completion. 

Non-spontaneous process is the reverse of the spontaneous process. It does not 
take place on its own and does not occur in nature. Reversible processes constitute a 
limiting case between spontaneous and non-spontaneous processes. Some non- 
spontaneous processes, can be made to take place by supplying energy to the system 
from extemal source. Some examples of: opr ne Os processes are given below. 

@ — Pumping ofwateruphill. — 
(ii) ee cen rounding 
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(iii) When nitrogen reacts with oxygen, nitric oxide is formed. This 
reaction takes place by the absorbance of heat. Although, N, and O, are present in air, but 
they do not react chemically at ordinary conditions. The reaction takes place when the 
energy is provided by lightning. 

N, (g)+O,(g) = 2NO(g) (Non-spontaneous reaction) 

Our common experience shows that spontaneous processes proceed with a 
decrease in energy. We might expect, therefore, that a chemical reaction would proceed 
spontaneously if the reaction system decreases in energy by transferring heat to its 
surroundings. In other words, we might expect all exothermic reactions to be 
spontaneous. This is usually true, but not always. There are many endothermic changes 
that proceed spontaneously although they absorb heat. For example, _ 





H,O (2) — H,O(g) AH=44.0kJ mol". 
Ammonium chloride dissolves in water and this process is also endothermic. 
NH,Cl(s) — = NH,’ (aq)+Cl (aq) AH=16.2kJ mol". 


Thus, energy change alone cannot help us to predict, whether a reaction will 
occur spontaneously or not. To predict whether a reaction will occur spontaneously or 
not it is necessary to study the free energy of the system. The concept of free energy can 
help us to understand the processes in terms of entropy change. Anyhow, its discussion is 
outside the scope of this book. 


7.2 SYSTEM,SURROUNDINGAND STATE FUNCTION 

These are the terms employed in the study of thermochemistry. To understand the 
energy changes in materials, let us define these terms. We shall be using them frequently 
later on. The term system is used for anything (materials) under test'in the laboratory, or 
under consideration in the classroom for the purpose of argument. We can say that any 
portion of the universe which is under study is called a system and the Temamme portion 
of the universe is known as its surroundings. 

The real or imaginary surface separating the system 
from the surroundings is called the boundary, Fig. (7. 1). In 
an experimental work, a specific amount of one or more 
substances constitute a system, e.g. one mole of eg [e. 
confined in a cylinder fitted with a piston is a system. . 
cylinder, the piston and all other objects outside the cy i 
are surroundings. Similarly, a cup of water is a system. | 

‘air surrounding it, the table on which 48 is lying, ete. 
surroundings, _ . 
‘ Consider, the reaction between cen. 
; solution. This. can be called a syste 1 und 
The flask, the air, etc. are the surround gs,F 
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The state of a system is the condition ofa system. When any process is performed 
ona system its state is altered in some ways. Let us consider a beaker containing water. It 
will be a system having certain temperature and volume. This initial condition of the 
system may be called the initial state. Suppose we heat the beaker. The system will 
undergo a change after heating. The final condition of the system may now be called the 
final state of the system. By comparing both initial and final states of the system, we can 
describe the change taking place in the system. 

Let T, and T, denote the temperatures of water before and after heating, 
respectively. The change in temperature AT , may then be represented as 


AT = Final temperature - Inital temperature 


AT = T,- T, 

A state function is a macroscopic property of a system which has some definite 
values for initial and final states, and which is independent of the path adopted to bring 
about a change. By convention, we use capital letters as symbols for a state function, e.g. 
pressure (P), temperature (T), volume (V), internal energy (E) and enthalpy (H), are all 
state functions. 

Let us suppose, that V, is the initial volume of a gas. A change is brought about in 
the gas and its final volume becomes V,. The change in volume (AV) of the gas is given by 

AV = V,- V, . 

Now, this change in volume of the gas can be brought about either by changing 
temperature or pressure of the gas. Since V is a state function, so AV will be independent 
of the way the volume of the gas has been chanect It will only depend upon the initial 
and final volumes of the Bas. 


7.3 INTERNAL ENERGY AND FIRST LAW OF 


' THERMODYNAMICS 
A system containing some quantity of matter has definite amount of energy 
present in it. This energy is the sum of kinetic as well as the potential energies of the 
particles contained in the system. The kinetic energy is due to the translational, rotational 
and vibrational movements of particles, Fig (7. 2). The potential energy accounts for all 
the types of attractive forces present in the system. These attractive forces, include all the 
types of bonds and the van der Waals’ forces present between the particles. The total of all 
the possible kinds of energies of the system is called its internal energy, E. The change in 
‘interna energy of thesystem AE is a state function. 
aia Se Ne OEMS value of internal energy ofa system, but 
eto measure the value eee ert system. 
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Translational motion of He A diatomic molecule, A tetra-atomic molecusle 
gas molecules e.g., H, is vibrating say BF, is rotating on an axis 


Fig (7.2) Translational, vibrational and rotational movements of molecules. 

There are two fundamental ways of transferring energy to or from a system. 
These are heat and work. Heat is not a property of a system. It is therefore not a state 
function. It is defined as the quantity of energy that flows across the boundary ofa system 
during a change in its state due to the difference in temperature between the system and 
the surroundings. Heat evolved or absorbed by the system is represented by a symbol q. 
Work is also a form in which energy is transfered from one system to another. Itis defined ~ 
as the product of force and distance i.e. W=F x S. Workis measured in Joules in SI units. 
There are different kinds of work. The type of work we most commonly encounter in 
thermochemistry is pressure-volume work. For example, expansion can occur when a 
gas is evolved during a chemical reaction Fig (7.3). In such cases, the work W done by 
the system is given by: 

W=-PAV.....ceeseeees (1) 

In pressure volume work, force 
becomes pressure and distance becomes 
volume change. In equation (1), P is the 
external pressure and AV is the change in ~ 
volume. Work is not a state function. The 
sign of W is positive when work is done on 
the system and it is negative when work is 

. doneby the system. 

Similarly, the sign of q is positive 
when heat is absorbed by the system from surroundings, and Lit 

_ absorbed by the surroundings from the system. 


¥ Salon oi 




























The first law of thermodynamics, also called the law ‘of "Cl 
states that penergy can neither be created nor destroyed, but can be 


7.3.1 First Law of Thermodynamics 1a NO me 
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surroundings remains constant. 
Consider, a gas enclosed ina cylinder having a frictionless piston Fig (7.4). When 
a quantity of heat ‘q’ is supplied to the system, its internal energy E, changes to E, and 
piston moves upwards. The change in internal energy AE is given by the following 
equation. 
AE=E,-E,=q+w 
AE=q+w 
In this equation ‘q’ represents the amount of 
heat absorbed by the system and‘w’ is the work done 
by the system in moving the piston up, Fig (7.4). v 
If ‘w’ is pressure-volume work, then the 
above expression assumes the following form: 
AE = de BAW cree: (2) Fig (7.4) Expansion of a gas and 
When the piston is kept in its original pressure-volume work, 
position or the volume of the gas is not allowed to change, then AV = 0 and equation (2) 
will take the following form. 
NET reeset ce (3) 
This shows that a change in internal energy of a system, at constant volume is 
equal to heat absorbed by the system (q,). 


7.4  ENTHALPY 

Again consider the same process as described above. A quantity of heat q is given 
to the system (gas), which is now kept at constant atmospheric pressure. A part of this 
heat is used to increase the internal energy of the gas and the rest is used to do work on the 
surroundings. This work is done by the gas, when it expands against a constant pressure. 
To take account of increase in internal energy and accompanying work done by the gas, 
there is another property of the system called enthalpy or heat content. It is represented 
by H. In general, enthalpy is equal to the internal energy (E) plus the product of pressure 
and volume (PV). 

H=E+PV 

Enthalpy is a state function. It is measured in joules. It is not possible, to measure 
the enthalpy of a system in a given state. However, change in enthalpy (AH) can be 
measured for a change in the state of system . A change in enthalpy of a system can be 
written as: 





Initial state Final state 


AH=AE+A(PV) 
or AH=AE+VAP+PAV 
Since, the gas is kept at constant pressure, AP=0 
Hence, AH=AE+PAV nasa (4) 
Incase of liquids and solids, the changes in state do not cause significant volume 


change, ic., AV = 0. For such process, AH and AE are approximately the same, i.¢., 


ding to fist aw of thermodynamics: 


a 
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ey 
AE=qt+w iy 
Ifw is pressure - volume work done by the oun then: ip 
=-PAV ) 
So, AE=q-PAV ; | 
Putting the value of AE in equation (4) we get: 
AH=q-AP(V+V) 
Since the pressure is constant, AP=0, therefore, 
AH=q) acct (5) 


This shows that change in enthalpy is equal to heat of reaction at constant 
pressure. The reactions are carried out at constant pressure more frequently than at 
constant volume. So, working with AH is more convenient rather than AE . 


Example 1: 


) 
: 
: 
) 
When 2.00 mol of H, and 1.00 mol of O, at 100°C and 1 torr pressure react to : | 
produce 2.00 mol of gaseous water, 484.5 kJ of energy are evolved. What are the values | 

: 


AH=q-PAV+PAV | 
: 
of (a) AH (b) AE for the production of one mole of H,O (g)? 


Solution: 
(a) _ Thereaction is occurring at constant pressure. 


2H, (g) + O,(g) —>2H,0(g) 
The enthalpy change for one mole of water vapours is: phets 


2 mol of H,O 











= MSN _(paais mol} Answer | 


The minus sign shows that the reaction is exothermic for the poet of! ifiete 


of water. = 
(6) Tocalculate AE from AH, we use the equation (4) 
AH=AE+PAV in engl ioe 
Letus, first calculate the value of PAVusingteideal easemtion re j 
PV = oRT . conn 
Or PAV = AnkRT jak a ha ai 
Now, An = No.ofmolesofthepro 





= 2mol-3 mol=-1 mol 
" ten 
8.314)K'mol" . 


——— 






—— -——- 
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PAV= = =-1.55 kJ mol! 


AH =AE+PAV 
AE =AH-PAV 
-=-242.2 -(-1.55) = -242.2+1.55 
7 AB=[240.6kI mol"]Answer 
= 7.4.1 Enthalpy ofa Reaction (AH) 
In an exothermic reaction, the heat content or enthalpy of the products H, is less 
. than that of the reactants H,. Since, the system has lost heat, we can say the enthalpy 
change for the reaction AH is negative, Fig (7.5 a). 

In an endothermic reaction, the enthalpy of products H, is greater than that of the 
reactants H, and the enthalpy change (AH) is positive, These enthalpy changes are 


; On substituting, these values into equation (4), 
. 


represented in Fig (7.5 b). 
The standard enthalpy of a reaction AH’ is the enthalpy change which occurs 
_ when the certain number of = aGane Gea 


_ moles of reactants as indicated 
by the balanced chemical 
equation, react together 

completely to give the products 
under standard conditions, i.e., 
25 °C (298K) and one 
ainCsphere pressure. All the.  ~' Fig (7.5) Enthalpy changes in thermochemical’reactions 
its and products must be in their standard physical states. Its units are kJ mol”. 

we 2H, (g) + 02(8) —> 2H,0(2) AH’ =-285.8kJmol". 

-285. 8 kJ mol’ is standard enthalpy of reaction. 


142. Enthalpy of Formation (AH",) 

=< “SsThe: standard enthalpy « of formation of a compound is the amount of lieat. 
en one. mole of the compound is formed from its elements. It is 
substances i nvolved are in their standard physical states and the 
‘conditions i ie, at 25°C (298 K) and one atm. 


r soagion, the aay of formation, ( AH°,) for - 


















— = _ AH? =-692kJ mol” 

en to form CO,, 393.7 kJ mol” of energy 
moaned Path 

3 : A= $3 Velie 


ee — 
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C(s)+O,(g) — CO,(g)  AH’,=-393.7kJ mol" 

H 


7.4.3 Enthalpy of Atomization (AH’,) 
The standard enthalpy of atomization of an element is defined as the amount of 
heat absorbed when one mole of gaseous atoms are formed from the element under 1 
standard conditions. It is denoted by Hj}. For example, the standard enthalpy of H 
atomization of hydrogen is given below. 
%H,(g) + H(g) AH?,=-218kJ mol™ . {| 
A wide range of experimental techniques, are available for determining | 
enthalpies of atomization of elements. | 
i 
| 
} 


7.4.4 Enthalpy of Neutralization (AH') 
The standard enthalpy of neutralization is the amount of heat evolved when one 
mole of hydrogen ions [H’] from an acid, reacts with one mole of hydroxide i ions (OH) 
from a base to form one mole of water. For example, the enthalpy of neutralization of 
sodium hydroxide by hydrochloric acid is -57.4 kJ mol”. Note that a strong acid, HC] ~ ‘ 
anda strong base, NaOH, ionize completehya in dilute solutions as follows. “cs 
HCl (aq) = H (aq) + Cl (aq) aa 
NaOH (aq) = Na’ (aq) + OH"(aq) Pettis. | . 
When these solutions are mixed together during the process of neutralization, t the a: 
only change that actually occurs is the formation of water molecules leaving the sodium _ 
ions and the chloride ions as free ions in solution. Thus, the enthalpy of neutralization i ist = 
merely the heat of formation of one mole of liquid water fromi its ionic components, 
H’ (aq) +C1: (aq) +Na’ (aq) +OH (aq) = Na’ (aq)+Cl (aq)+H,O(2) 
Or H'(aq)+OH (aq) =H,0(@)  AH=-57. oa % i 
Enthalpy of neutralization for any strong acid with a strong base is ap} 
samei.e, -57.4kJ mol". i 


7.4.5 Enthalpy of Combustion (AH) ‘af 
The standard enthalpy of combustion of the substance is the 2 ( 
evolved when one mole of the substance is completely burt in exc 
standard conditions. It is denoted by AH? “<) oh a adel 1b ic 
For example, standard enthalpy of combustion of ethanol A 7 Jmol 
Thereaction is represented by the following equation. euik ata 
CH,OH (£)+30,(g) = a +3H,0(€) 1 : 
7.4.6 Enthalpy ofSolution(AH;,) 9 
The standard enthalpy of a :ineriastise nount Of heat absorbed or e 
when one mole of a substance is dissolved in so much solvent that further dilutior 
inno de sieloteat chatiges? a 


ent 9 Fae ne Me xa ee i ; 


* 
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For example, enthalpy of solution (AH?,, ) of ammonium chloride is +16.2 kJ mol” 
and that of sodium carbonate is -25.0 kJ mol". In the first case, heat absorbed from the 
surroundings is indicated by cooling of the solvent (water), an endothermic process. 
Whilein the second case, the temperature of the solvent rises showing that the process is 
exothermic. 


7.4.7 Measurement of Enthalpy of a Reaction 

Exothermic and endothermic reactions can easily be detected by observing the 
temperature of the reaction vessel before and after the reaction, as long as the heat of 
reaction evolved or absorbed is considerable. More accurate values of AH can be 
determined by using calorimeters as described below. 


(i) Glass Calorimeter 

For most purposes, an ordinary glass calorimeter can be used to determine the 
value of AH. This usual type of calorimeter, is basically an insulated container with a 
thermometer and a stirrer, Fig (7.6). Reactants in stoichiometric amounts are placed in 
the calorimeter. When the reaction proceeds, the heat energy evolved or absorbed will 
either warm or cool the system. The temperature of the system is recorded before and 
after the chemical reaction. Knowing the temperature change, the mass of reactants 
present and the specific heat of water, we 


can Calculate the quantity of heat q Stirrer Thermometer 
evolved orabsorbed during the reaction. 
: Hydrochloric 
Thus: acid + sodium 
CMIAS XAT cesccsscscrsccss (7) hydroxide 


Where m = mass of reactants, s = 
specific heat of the reaction mixture and 
AT is the change in temperature. The 
product of mass and specific heat of water 
is called heat capacity of the whole 
system. 





Fig (7.6) Glass calorimeter to measure 
enthalpy change of reactions, 


Example2: Neutralization of 100 cm’ of 0.5 M NaOH at 25°C with 100 cm’ of 0.5 M 
HCl at25°C raised the temperature of the reaction mixture to 28.5°C. Find the enthalpy of 


neutralization. Specific heat of water=4.2 JK”'g 


Solution: 

Specific heat ofwater, =4.2)K"'g" 
Density of H,O is around 1gem’”, so 200 cm’ of total solution is approximately = 200 g 
Hence, total mass of the reaction mixture =200 g 

Rise in temperature, AT =28.5-25.0=3.5°C=3.5K 
100cm’of0.5MNaOH = = =100cm’of0.5MHCI 

0.5 Msolution means that 1000 cm’ of solution has 0.5 moles of solute. 





| 
| 
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So 100cm’of0.5Msolutions  =0.05molofHClandNaOH, respectively 
Amount of total heat evolved,(q) =mxsxAT | 
=200gx4.2Jg"K"x3.5K=2940J 
=2940J=2.94kI ) 
Since, the reaction is exothermic 
So, q =-2.94kJ 
When this heat is divided by number of moles, then AH: is for one mole 





-2.94 kJ ; ; . 
Enthalpy of neutralization. (A H’) — ic -58.8 kJ mol || Answer | 
H m F 


Abomb calorimeter is usually used for the accurate determination of the enthalpy 
of combustion for food, fuel and other 
compounds. A bomb calorimeter is shown in 
Fig (7.7). It consists of a strong cylindrical steel 
vessel usually lined with enamel to prevent 
corrosion. A known mass (about one gram) of 
the test substance is placed in a platinum 
crucible inside the bomb. The lid is screwed on 
tightly and oxygen is provided in through a 
valve until the pressure inside is about 20 atm. 
After closing the screw valve, the bomb ~~ 
calorimeter is then immersed ina known mass ~ Fig (17) B Bomb crite 
of water ina well insulated calorimeter. Then, itis allowed to attain a ssc esate 
The initial temperature is measured, by using the thermometer presentin the calorimeter. 
The test substance is then, ignited, seriall tt n is 
coil. The temperature of water, which is stirred cone 18 Teco, 1 at 30 0 sec > 
intervals. Papi ft 


| 

| 

| 

| 

i 

. 

0.05 | 

(ii) Bomb Calorimeter : | 
’ 


2 
—E—— ae 
—eoe ae reel 


















ae He vet “cere a Be 


From the increase of temperature AT, heat “capacity Se 
calorimeter including bomb, water, etc. , we can calculate the enthalpy of 
The heat capacity ‘c’ of a body or a system is, defined a 
Tequired to change its temperature by lkelvin, Weir 
ag q= cx AT 1 od) eee 
Example 3: a 
teat? g of graphite i is burnt in ee 





of orimeter (bomb, water, etc is 86.021 he KI - " 
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> Solution: 
Heat capacity of bomb calorimeter =86.02kJK' 
‘Rise in temperature of the calorimeter and its contents =3.87K 
Heat gained by the system (bomb calorimeter and water etc.) q =cxAT 
= 86.02 kJ K"x3.87K 
| = 332.89 kJ 
. ‘s _ 10.16 





|  Thisheatis evolved by burning 10.16g of graphite mol of graphite 


= 0.843 mol of graphite 


| 332.89 
__ Hence enthalpy of combustion of graphite per mole a 086) kJ mol” 


=395kJ mol! 
Since heatis evolved during combustion, so the sign of the answer would be negative. 


=|-395 kJ mol'| Answer 


7.5 HESS’S LAW OF CONSTANT HEATSUMMATION 
There are many compounds, for which AH cannot be measured directly by 
calorimetric method. The reason is, that some compounds like tetrachloromethane 
(CCI,), cannot be prepared directly by combining carbon and chlorine. Similarly, it does 
not decompose easily into its constituent elements. In the same way, boron oxide (B,O,) 
and aluminium oxide (AL,O,) provide problems for the measurement of standard 
enthalpies of their formation. In these cases, it is difficult to burn these elements 
completely in oxygen, because a protective layer of oxides covers the surface of the 
unreacted element. Similarly, heat of formation of CO cannot be measured directly due 
to the formation of CO, withit. 
Asaresult of above mentioned problems, the chemists had to look for methods of 
obtaining standard enthalpies of formation indirectly. The energy cycle shows two routes 
for converting graphite and oxygen to CO,, whilst the alternative route goes via CO. It 
: wouidgce reasonable that the overall enthalpy change for the conversion of graphite to 
nt of the route taken, thatis, 

pe \ 6.5; RY.\: (8) 

cated | the enthalpy of combustion for graphite to form CO, and the enthalpy of 
combustio n SCORE eos are own we can determine the enthalpy of formation 
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_ AH (graphite) =-393. AiSinot 
~~ AH, (CO)=-283kI mol" 
AH,(CO)=? | 


———— 
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Applying equation (8) AH =AH,+AH, C + 0, —“> co, 
a =398-(283) Ny 
=-110kJ mol" co 


So, the enthalpy change for the formation of CO(g) is-110.0kJmol", 

‘ The method we have just used in obtaining equation (8), is a specific example of 
Hess’s law of constant heat summation. This law states that: 

If a chemical change takes place by several different routes, the overall energy 
change is the same, regardless of the route by which the chemical change occurs, 
provided the initial and final conditions are the same. 

Let A be converted to D directly in a single step and heat evolved be AH. If the 
reaction can have a route from A— B->C as shown below. 


a 
—— ns 
A — = = 
eno wets 


According to Hess’s law, AH = AH, + AH, + AH, AH 
Mathematically, ZAH(cycle)=0 
Ofcourse, Hess’s law is simply an application of the more 2 


| 
: 


fundamental law of conservation of energy. So, }AH (cycle)=0 AH} 

It means that if one goes form A to D directly and comes back toA through B B and 

C, then, AH=0. 

The formation of sodium carbonate, is another example for the verification of 
Hess’s law. The formation of sodium carbonate may be studied as a single step process, . 
orin two steps as via sodium hydrogen carbonate. “a! 


7 
















Single Step Process 
2 NaOH (aq) + CO, (g) — Na,CO, (aq) +H,0 (2) AH=-89.08 kJ 
Two Step Process : = 
NaOH (aq) + CO,(g) —- NaHCO, (aq) © i AH= =-48.06kJ 


NaHCO, (aq)+NaOH (aq) Ne,CO,(a) 00) Atha o2kd 
According to Hess’s law, : tp 


—  — 





AH = AH, + Wee sean pore \ i 
Putting the values of AH, AH, AH, inequation(8)_ a 

-89.08 =  — -48.06- a . 

-89.08 = —--89.08 7 


This illustrates, how heats of reactions m 
proves Hess’s law. Hess’s law findsi ib sbestaplcatios 


7.5.1 The Born-Haber Cycle _ , > 
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The lattice energy of an ionic crystal is the enthalpy of formation of one mole of 
the ionic compound from gaseous ions under standard conditions. 
Thus, the lattice energy of NaCl corresponds to the following process. 
Na’ (g) + CI (g) — Na’ CI (s) AH®,,,= -787kJ mol" 
Lattice energies cannot be determined directly but values can be obtained 
indirectly by means of an energy cycle. In Fig (7.8), an energy triangle of sodium 
chloride is SESE 


| Na(s) + 1/2 CL(g) oes Na‘(g) + CI(g) 





Fig (7.8) Fac triangle for sodium chloride 
Since, AH’, the standard enthalpy of formation of sodium chloride, can be 
measured conveniently in a calorimeter. AH'l, can be obtained if AH,, which is the total 
energy involved in changing sodium and chlorine from their normal physical states to 
pe ions, can be calculated. 


4 


______InFig (7.9), the previous energy triangle has been extended to show the various 
Regs in aE AH,. The semis energy oe) is called a Born -Haber cycle. 


<a — _-—— 







oe ¢ Laer, roa Ne g)t+ © + Cl(g) 

PCL (g pet depts 
Oe Lm + “neal AH, of Cl = -349 kJ mol"! 
Tee «a (Electron affinity of Cl) 
Na’ (g) + CI (g) 

















Atl, ofNCE (6) =? 


| CLattice energy of NaC!) 


: 
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heat of atomization of sodium can be obtained from values of its heat.of fusion, heat of | 
vaporization and specific heat capacity. The first ionization energy of sodium can be 
determined spectroscopically. ; 

Na(s) — . Na(g) AH, = 108kJ mo]" 

Na(g) > = Na‘(g)tle” AH,=496kJ mol" 

The third and fourth stages in the expression for AH, above, involve the 

atomization of chlorine and the conversion of chlorine atoms to chloride ions, | 
| 
| 
| 
| 
{ 


— 
— 


respectively. The later process is, of course, called the electron affinity of chlorine. 
The heat of atomization of chlorine can be obtained from spectroscopic studies: 


%C1,(g) — Cl(g) AH,,=121kJ mol" 
whilst, the electron affinity for chlorine can also be found by similar methods. 


Cl(g)+e + —CI(g) AH,=-349kImol™ 
Thus AH, = (108 +496 + 121 -349)=376kJ mol 
The lattice energy for sodium chloride can thus be obtained: 
AH’, = AH’, + AH, (from Hess’s Law) 
AH’, = AH’, - AH, 
Using the values from Fig (7.9) : 
AH, = -411-376 =-787 kJ mol’ ... 
The lattice energy, gives us some idea of the force of attraction between Na’ and | 
CE ions in crystalline sodium chloride. Lattice energies are very eee the 


te 


7 


structure, bonding and properties of ionic compounds. 














KEY POINTS en Pa a 
1. Substances exist because they possess energy. Energy: can be ranaftimied in 
form of heat and the study of heat changes. cocompan ae a chemical reaction is ys 4 
called thermochemistry. “cd ange ~ 
2. Whenever, a re action happens, then the driving free is the enthalpy ¢ hat ang 
along with the entropy change. Both these parameters decide upon sponte nei ot a 
reaction. | eane Mil | 4 
3. Most of the thermodynamic parameters are state functions ata” 
4. First law of themodynamics is the law of conservation of 
understand the equivalence ofheat and work. wie 
5. When heat is supplied to the system at constant press 
_ change of the system. Anyhow, at constant volume, th e 
_ tointernal energy change. ae 
There is difference between heat atl emper ratur re. T 
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7. Hess’s law of heat summation is another form of first law of thermodynamics. It 
helps us to determine the enthalpy changes of those chemical reactions, which 
can not be carried out in laboratory or heat changes are difficult to measure. 

8. According to Born-Haber cycle, another form of Hess’s law, the energy change in 
a cyclic process is always equal to zero. With the help of this cycle, we can 
calculate lattice energy ofionic crystals. 

EXERCISE. 
Q.1 Selectthe suitable answer from the given choices. 
(i) If an endothermic reaction is allowed to take place very rapidly in the air, the 


temperature of the surrounding air: 
(a) remains constant (b) _— increases 
(c) decreases (d) - remains unchanged 


(ii) | Inendothermic reactions, the heat content of the: 
(a) _ products is more than that of reactants 
(b) _ reactants is more than that of products 
(c) surroundings in creases 
(d) _— reactants and products is equal 

(iii) Calorie is equivalent to: 


. (a) ~—0.4184J (b) 41.84] (c) 4.1843] (d) 418.4] 
(iv) The change in heat energy of a chemical reaction at constant temperature and 
’ pressure is called: 
(a) enthalpy change (c) heatofsublimation 
(b) — bondenergy (d) _ internal energy change 
(v) Which of the following statements is contrary to the first law of 
thermodynamics? 


(a) Energy canneither be created nor destroyed. 
(b) One form of energy can be transferred into an equivalent amount of other 
___ kinds ofenergy. | 
(c)  Inanadiabatic process, the work done is independent of its path. 
(d) Continuous production of mechanical work without supplying an 
equivalent amount of heat is possible. 
(vi) For ‘a given process, the heat changes at constant pressure (qp) and at constant 
volume ( ,) are related to each other as: 
seed s=% 0) 4 <a © 4 <a @ 4-42 
thi +HCl— NaCl+H,0 the Be Sieatinipyi is called: 
_——s(b):~SCsheat of formation 
iat — ee omarion = : 
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(c) _Hess’s law (4)  Lawof conservation ofenergy | 

(ix) Enthalpy of neutralization of all the strong acids and strong bases has the same | 
value because: . 
(a) neutralization leads to the formation of salt and water. | 
~(b) ~~ strong acids and bases are ionic substances. | 
(c) acids always give rise to H’ ions and bases always furnish OH ions. 
(d) the net chemical change involves the combination.of H-and-OH-ions-to ; 
__ _. form water. ; 
.Q.2  Fillinthe blanks with suitable words. . 
(ij) _—s The substance undergoing a physical or a chemical change forms a chemical . . 
| 





(ii) | Thechange in internal energy be measured. 

(iii) Solids which have more than one crystalline forms possess values of | 
heats of formation. . 

(iv) A process is called if it takes place on its own without any external ) 
assistance. | 

(v) A: is a macroscopic property of a system whichis __—_—__of the | 


path adopted to bring about that change. 
Q.3 Indicate the true or false as the case may be. 
(i) It is necessary that a spontaneous reaction should be exothermic. 
(ii) | Amount ofheat absorbed at constant volume is intemal energy change. 
(iii) | The work done by the system is given the positive sign. 
(iv) - Enthalpy isa state function but internal energy is not. . 
(v) Total heat content ofa system is called enthalpy ofthe system. MA 
Q.4. Define the following terms and give three examples ofeach 



















(i) System (v)  Exothermicreaction : 
(ii) Surroundings (vi) Endothermicreaction . ge 
(iii) State function (vii) Internal energy of the system: aah . 
(iv) Units ofenergy (viii) Enthalpy ofthe Saou ~ 
Q:5(a) Differentiate between the following: ee 
(i) Internal energy and enthalpy ed: a 
(ii) Internal energy change and enthalpy change — ed : 
(iii) | Exothermic and endothermic reactions te we: 


(6) Define the following enthalpies and givetwo examples re. ch. ca : 
(i)  Standardenthalpyofreaction == ‘ie. 
(ii) Standard enthalpy of combustion far ee 
Gi) Standard enthalpy ofatomization — ei 
__ (iy) Standard enthalpy of solution a 
Q.6 (a) | Whatarespontaneous andnon-t 
eer); Eels baa 
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Q7 
Q8 


Q.9 


Q.10 


Q.12 


Q. 13 


| Q.14 


Quis 





Explain it. 
(a) Whatis the first law of thermodynamics. How does it explain that: 
() q,=AE (i) 4, = AH 


(b). How will you differentiate between AE and AH? Is it true that AH and AE 
have the same values for the reactions taking place in the solution state. 

(a) What is the difference between heat and temperature? Write a 
mathematical relationship between these two parameters. 

(b) How do you measure the heat of combustion of a substance by bomb 
calorimeter. 

Define heat of neutralization. When a dilute solution of a strong acid is 

neutralized by a dilute solutionofa strong base, the heat of neutralization is found 


_ tobe nearly the same in all the cases. How do you account for this? 


(a) State the laws of thermochemistry and show how they are based on the 
first law of thermodynamics. 

(b) What is a thermochemical equation. Give three examples. What 
information do they convey? 

(c) Why is it necessary to mention the physical states of reactants and 
products in a thermochemical reaction? Apply, Hess’s law to justify your 
answer. 

(a) Define and explain Hess’s law of constant heat summation. Explain it 
with examples and give its application. 

(b) Hess’s law helps us, to calculate the heats of those reactions, which 
cannot be normally carried out ina laboratory. Explain it. 

(a) | Whatis lattice energy? How does Born-Haber cycle help to calculate the 
lattice energy of NaCl? 

(b) Justify that heat of formation of compound is the sum of all the other 
enthalpies. 

50cm’ of 1.0M HCl is mixed with 50 cm’ of 1.00 M NaOH ina glass calorimeter. 

The temperature of the resultant mixture increases from 21.0°C to 27.5°C. 

Assume, that calorimeter losses of heat are negligible. Calculate the enthalpy 

change mole-1 for the reactions. The density of solution to be considered is 

lgcm® and specificheatis 4.18Jg'k". (Ans: -54kJ mol”) 

Hydrazine (N;H,) is arocket fuel. Itburns in O, give N, and H,O. 

NoH,(£) + Og) > Ni(e) + 2H,0(8) 

1.00 g of N,H, is burned in a bomb calorimeter. An increase of temperature 

3.51°C is recorded. The specific heat of calorimeter is 5.5kJK”'g"', Calculate the 

quantity of heat evolved. Also, calculate the heat of combustion of 1 mole of 
(Ans: -19.3kJ, -618kJmol"’) 


NH,. . 
‘Octane (C,H,,) is amotor fuel. 1.80 g of a sample of octane is burned in a bomb 


calorimeter having heat capacity 11.66 kJK”". The temperature of the calorimeter 
es from ESOS Sd Brcambustion for 1.8 g of 
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Q.16 


youn 


Q.18 
Q.19 


Q.20 


Q.21 


(a) Explain whatis meant by the following terms. — vo 


octane. Also, calculate the heat for 1 mole of octane. 

(Ans: 86.51kJ, -5478.84kJmol") - 
By applying, Hess’s law calculate the enthalpy change for the formation of an 
aqueous solution of NH,Cl from NH, gas and HCI gas. The results for the various. 
reactions are as follows: 


(i) —_NH,(g) + aq > NH, (aq) AH=-35.16kJmol’ 


- (ii) | HCl(g) + aq > HCl (aq) AH=-72.41k}mol' 
(iii) | NH, (aq) +HCl (aq) > NH,Cl(aq) AH=-51.48kimol? = 


(Ans; -159.08 Ki mor!) 
Calculate the heat of formation of ethy] alcohol from the following information < = : = 


(i) Heat of combustion of ethyl alcohol is -1367 kJ mol” . = cet 


(ii) Heat of formation of carbon dioxide is-393.7 kJ mol’ 
(iii) | Heat of formation of wateris-285.8kJmol'  (Ans:-278. akcalimor’) ~ 


If the heats of combustion of C,H,, H, and C,H, are -337.2, -68.3 anid: 372.8 = 


k calories respectively, then calculate the heat of the following reaction. 

Graphite and diamond are two forms of carbon. The enthalpy of combustion: of . 

graphite at 25°C is -393.51 kJ mol-1 and that of diamond is -395.41 kJ mol 

What is the enthalpy change of the process? Graphite > Daren at the. same 

temperature? eal wey 
C,H, (g) + H,(g) > C,H, (g) (Ans: 1.91 ki mol") 


What is the meaning of the term enthalpy of ionization? If the heat aoe ies . 


neutralization of HCI and NaOH is -57.3 kJ mol” and heat of net Ta ZAton K 
CH,COOH with NaOH is -55.2 kJ mol’, calculate the enthalpy. of ion Oe 
CH,COOH. (Ans: 2. ely) = 


(i) Atomization energy 
(ii) _ Lattice energy vad 
(b) Draw a complete, fully labeled Born-Haber cycle. 
potassium bromide. : 
(c) Using the information given in the table belo, 
energy of potassium bromide. 





K(s) HB) +KBO 
* K(s) > Kg) ff 
K(g) Kien p 
“4.Br, (> Brig) + Fete) 
Bee > Br @ ci 
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8.1 REVERSIBLE AND IRREVERSIBLE REACTIONS 

A chemical reaction can take place in both directions, i.e., forward and reverse, 
but in some cases the tendency of reverse reaction is very small and is negligible. For 
example, sodium reacts with water to form sodium hydroxide and hydrogen gas. 

2Na (s) + 2H,O (1) —~ 2NaOH(aq) + H,(g) 

The tendency for hydrogen to react with sodium hydroxide to form sodium and water is 
negligible at normal temperature. This is an example of irreversible reaction. 

Let us take another example of the reaction between two parts of hydrogen and 
one part of oxygen by means ofan electric spark at normal temperature and pressure. The 
reaction occurs stoichiometrically according to the following chemical equation. 


2H; (g) + O,(g) —> 2H,0 (£) 


If hydrogen and oxygen are present in correct proportion, there will be no 
residual gases, i.e., hydrogen and oxygen. If the product is heated to a temperature of 
1500°C, a noticeable quantity of H,O decomposes, producing hydrogen and oxygen. It 
means that reverse reaction does occur, but only at higher temperature. It is very likely 
that the reverse reaction occurs at low temperature, but it is too small to be noticeable. 
The reaction between stoichiometric amounts of hydrogen and oxygen proceeds to 
completion in the presence of electric spark. Such reactions are called irreversible 
reactions and they take place in one direction only. 

Now, consider a reaction between nitrogen and hydrogen at 450°C under high 
pressure in the presence ofiron as a catalyst. 


N,(e) +3H; (¢) popes 2NH, (2) 








There action mixture, after some time, will contain all the three species, i.e., 
nitrogen, hydrogen and ammonia. No matter, how long the reaction is allowed to 
continue, the percentage composition of species present remains constant. The 
conditions are favourable for the forward as well as for a reverse reaction to occur to a 
measurable extent. This type ofreaction is described as a reversible reaction. 

8.1.1 State of Chemical Equilibrium . 
ae reversible ieaescn is allowed to continue for a considerable long time, 
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without changing the conditions, there is no further change in composition of the 
reaction mixture. The reaction is said to have attained a state of chemical equilibrium. 
Once this equilibrium has been established, it will last forever if undisturbed. 

To illustrate an example of the attainment of equilibrium, let us consider a 
general reaction in which A reacts with B to produce C andD. 

A (g) + B(g) C(g) + D(g) 

Suppose that all the substances are in gaseous state. 

Let the initial concentrations of A and B be 
equal . As time goes on, concentrations of A and B 
decrease, at first quite rapidly but later slowly. 
Eventually, the concentrations of A and B level off 
and become constant. The graph is plotted between 
time and concentrations for reactants and products, 
Fig(8.1). The initial concentrations of C and D are 
zero. As the time passes the products C and D are 
formed. Their concentrations increase rapidly at 
first and then level off. At the time of equilibrium 3 = 
concentrations become constant. This is how the state of equilibrium 
chemical equilibrium is attained and state of equilibrium is reached. | | 

Now, let us consider the example of a reversible reaction between hydrogen gas | | 
and iodine vapours to form hydrogen iodide at 425°C. At equilibrium three components | 
will be present in definite proportions in the reaction mixture Fig (8.2). The equilibrium 
is established when the rising curve of product HI and the falling curve of reactants [H,] 
and [I,] become parallel to time axis. 


























H,(g)+h(g) 42° — 2HI(g) rane 


The same equilibrium mixture is obtained inespective of the fact whether the 
reaction starts by mixing hydrogenandiodineorby ~ _ 

decomposition of hydrogen iodide. The situation 
Suggests two possibilities of the state of reaction at : 


equilibrium. E 
(i) All reactions cease at equilibrium so that 
the system becomes stationary. 


(ii) The forward and reverse reactions are & 
taking place simultaneously at pd 

. Samerate. Ly 
It is now universally accepted that t 
co ec eet ate 
the state of dynamic equilibria iN pe ce 
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8.1.2. Law of Mass Action 

A state of dynamic equilibrium helps to determine the composition of reacting 
substances and the products at equilibrium. We use the relationship which was derived 
by C.M. Guldberg and P. Waage in 1864. It is known as the law of mass action. It states 
that the rate at which the reaction proceeds is directly proportional to the product of the 
active masses of the reactants. ; 

The term active mass represents the concentration in mol dm” of the reactants 
and products for a dilute solution. 

Now, consider a general reaction in which A and B are the reactants and C and D 
are the products. The reaction is represented by the following chemical equation. 


CD 





A+B 





_ The equilibrium concentrations, of A, B,C and D are represented in square 
brackets like [A], [B], [C] and [D] respeehivels and they are expressed in mole dm”. 
According to the law of mass action, the rate, of the forward reaction, is proportional to 
the product of molar concentrations ofAandB. 

“Rate of forward reaction (R) « [A][B] 

or R, = k,[A][B] 
kis the sarily constant and is called rate constant for forward reaction and R, is 
the rate of forward reaction. Similarly, the rate of reverse reaction (R,) is given by 
___ Rate ofreversereaction (R,) « [C][D] 
R, = K[C][D] 
Where > k, is the raeertipnality constant and is called the rate constant for 
emi reaction. Sadat thatC and D are the reactants for backward step. 


ait 8h Eis R= R 
ot RIAIB] = 51D) 
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ae eet 
written as numerator and reactants as denominator. 

__ [products] ore = rate constant for forward step 


K 
[reactants] ° rate constant for reverse step 


c 





For amore general reaction: 
aA + bB == cC + dD | 
| 


Where a, b, c and d are the coefficients of balanced chemical equation. They are 
NOP soil | 


numberof moles ofA, B, C and D, respectively in the balanced equation. 





The eiulcram constant is given by inintapa | 
_ {cl [Dy | 
* arr | 


Hence, the coefficients in the equation appear as expen of the terms of 
concentrations in the equilibrium constant expression. wr 


Units of Equilibrium Constants 
Equilibrium constant is the ratio of the products of fie concentrations of the 















| 
number of moles on the reactant and product sides, then equilibrium ¢ const nt bas he 
units. When the number of moles is unequal then it has units related to ar C 


expressed as: 
(1) CH,COOH (aq) + C, HOH (aq) —= 


_ {CH, Cooc, H, (4,0) _ [mol dns yeti 











° [CH, COOH][C,H,OH] _ [mol dm™)[mol dm rae Bee 
een : : ofqesi eS oR 
GN, @+3H,@ —=2N@ 

INH} Cr a mol? dm 


*° INSP [mol dm [mol dr 

In the expression of K,, we have igno 
convenience. =| gla sau: 

Example 1; The following reaction wasallowedte c of equilibrium 

2A.Gq) +B (aa) = 


et tl 












‘a Solution 
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"2A (0g) + B (aq) == C (aq) 


K,, for the reaction is given by: 








n= 
[Ay [B] 
2A (aq) + B(aq) ——= C(aq) 

Initial concentratioris 0.50 mol 0.60 mol 0.00 mol 
Equilibrium concentrations _0.20 mol 0.45 mol 0.15 mol 

Since . = (CJ 

[A] [B] 
Putting values of concentrations, which are present at equilibrium stage 
So, omnes (0.15) 


: Ce x (0.20) x (0.45) 


ae = 55] Answer 
os == = [8.3] Answ 


The units have been ignored for the sake of convenience. 
8.1.3 Equilibrium Constant Expressions for Some Important Reactions 
i. Formation of Ester from an Organic Acid and Alcohol (aqueous phase reaction) 

This is a well known reversible repetion in the solution state. 

CH,COOH (aq) + CH,CH,OH (aq) a KO CH,COOC,H, (aq)+H,0(é) 
acid ‘alcohol ester water 

Letus suppose that ‘ a’ moles of CH,COOH and ‘b’ moles of C,H,OH are initially 
taken ina vessel in the presence of small amount ofa mineral acid as a catalyst. 

The j progress of the reaction can be'studied by finding out the concentrations of 
acetic acid after regular intervals. A very small portion of the reaction mixture is 





~ withdra wn and the concentration of acetic acid is determined by titrating it against a 


s ium hydroxide. The concentration of acetic acid will decrease 
te - of equilibrium, when it will become constant. At equilibrium 
les of H,O are produced, The number of moles of acid 

moles and *b-x’ moles respectively. If the volume of 
is Vv" dm’, then 
| )—= CH,COOCH, (aq) + H,0 ©) 

moles '0'moles +t =0 sec 

x'moles t=t,, 


oft reaction mixture, wi we 
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= mol dm=? + P= "td? — — [= mot an? + & | mo am 
Vv Vv V 
ee x = (CH,COOC,H,11H,0] | 


° " [CH,COOH][C,H,OH] 


Brackets [ ] denote the concentrations inmol dm: 
Putting concentrations at equilibrium _ 


cig ee. 
V' OVE 
x= &_& 
Vv Vv 
Simplifying the right hand side, we get ; 
| 
Kv= 
(a-x)(b-x) 


In this expression of K,, the factor of volume is cancelled out. So, the channe of 
volume at equilibrium stage does not affect the K, value or ‘equilibrium Position of reaction. 


at Dissociation of PCI, (gaseous phase reaction) 
The dissociation of PCI, into PCI, and Cl.,, is a well known irene 


phase reaction. This peacuoul Bas unequal n number of moles ofreactants and products. 
1, (g) == PCi,(g) + C1,(g) 
Let ‘a’ moles of xa present initially be decomposed by ‘x’ moles. So, at 
equilibrium stage, ‘a-x’ moles of PCI, are left behind while “x’ noes of oe and ‘x? 
moles of Cl, are produced. Ifthe volume ofequilibrium mixture i is’ ‘Vid 1 Yen fr 


PC1, () = Sern Wise? oO + ne @ 1G Bk ree ty wrest 
‘a'moles ‘0' moles Penaiee as 
(a-x)moles ‘x'moles ‘x'moles t= nals 


Dividing the number of moles by total volume of re ct ( 
equilibrium. Nae elles ie ee —— 


\ a-X mol dm? —= 


4 | 
7 ‘ 
H 

, 


rh ie 
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2 
x 


KA= 

; V(a-x) 
The final expression is not independent of the factor of volume. So, the change of 
volume at equilibrium stage disturbs the equilibrium position of the reaction. We will 
discuss this reaction in Le-Chatelier’s principle with reference to effect of volume 


change andits effect on change of equilibrium position. 





iii, | Decomposition of N,O, (gaseous phase reaction) 
Similarly, for decomposition of N,O, (g). the expression of K, involves the factor 


sivotene: N,O, (2) —= 2NO,(g) 
iz 4x? 
(a-x) V 
‘a’ is the initial number of moles of N,O, ‘x’ is number of moles of N,O, 
decomposed and ‘V’is total volume of N,O, , and NO, at equilibrium stage. 





iv. Synthesis of NH, ( gaseous phase reaction) 
For the synthesis of ammonia, 
N, (g)+3H, (g) —— 2NH,(g) 
the expression of K. is 4x? V2 


—*  (@x)(b-3x)’ 

Where ’a’ and ’b’ are the initial number of moles of N, and H, and ‘x’ is number of 
moles of N,, decomposed at equilibrium stage. ‘V’ is the total volume of N,, H, and NH, 
at equilibrium. The final expression involves V’ in the numerator: 

Hence, it depends upon the coefficients of balanced equation whether the factor 
of volume will appear in numerator or denomenator. 


8.1.4 Relationship Between Equilibrium Constants 
The expressions of equilibrium constants depend upon the concentration units 
used. Mostly the concentrations are expressed in mole dm-3. Let us consider the 


7 following reversible reaction. | 
' aA+bB == cC+dD 


. § . _ [ct py ok ay 
* [aff  *  c,'c,? 
‘The "square brackets represent the concentration of species in moles dm’. 
ow, the capital C pogbeayusee cermmolar concentrations 
the A, B, and the pr uct C, D of the reaction under consideration are 
ration of each gas is proportional to its partial pressure. 
ssed sotceree pthe expression of K, is; 









—_—— 


CHEMICAL EQUILIBRIUM Chemistry-XI | 
K, = PcPp Pb : 
PA Pp 


Here p,, Ps, Pc and p, are partial pressures of A, B, CD ina at 
equilibrium position. As long as the number of moles of products and reactants, which 
are in the gaseous state, are equal, the values of k, and k, remain the same. Otherwise, the 
following relationship between k, and k, can be derived by using Dalton’s law of partial 
pressures. / 

K, = K RT)" 

Where ‘An’ is the difference between number of moles of the gaseous products 
and the number of moles of gaseous reactants. 

An=no. of moles of products - no. of moles of reactants 

‘R’ is the general gas constant and ‘T’ is absolute temperature at which the 
reaction is being carried out. 


Where, An=0, then all the equilibrium constants have the same values. 


Example2: N,(g) and H, (g) combine to give NH, (g). The value of K, in this reaction. 
at 500°C is 6.0.x 10”. Calculate the value of K, for this reaction. 
Solution: A . 
The reaction for the synthesis of NH, is: + 
N,(g) + 3H, (g) _ 2NH, (g) | 
This reaction takes place with decrease in the number of tngles: The elo 
ofK,andK.is  - > . 
K,=K, @D* eaters). 
Now K,= 60x10" «s/s oooh Wall 
Temperature = 500+ 273=773 K hotsisie’ = 
An=No. of moles of products - No, of moles of reactants 
An=2-4=-2 . 
R=0.0821 dm’ atmK*mol' 
_ Substituting these values in the expression bis - 
K,=6.0x10°(773x0.0821)* =6.0x107(63.5)* 
acon ~ 
(63.5) 
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temperature. The study of equilibrium constant provides us the following informations: 
(i) Direction of reaction (ii) Extentofreaction 
(iii) _ Effect of various factors on equilibrium constant and equilibrium position. 


(i) Direction of Reaction 
[Products] 


We know that, K.= [Reactants] for any reaction. 


The direction of a chemical reaction at any particular time can be predicted by 
means of [products] / [reactants] ratio, calculated before the reaction attains equilibrium. 
The value of [product] / [reactants] ratio leads to one of the following three possibilities. 
(a) The ratio is less than K.. This implies that more of the product is required to attain 

the equilibrium, therefore, the reaction will proceed in the forward direction. 

(bo)  Theratiois greater than K.. It means that the reverse reaction will occur to attain 
the equilibrium. 
--(¢)--  -When the ratio is equal ORS ical thie reaction is at equilibrium. 


Example 3: Esterification r reaction between ethanol and acetic acid was carried out by 
mixing definite amounts of ethanol and acetic acid alongwith some mineral acid as a 
talyst. Samples were drawn out of the reaction mixturq to check the progress of the 
ification reaction. In one of the samples drawn after time t, the concentrations of the 
pecies were found to be [CH,COOH] = 0.025 mol dm”, [C,H,OH]= 0.032 mol dm”, 
CH;,COOC,H,]=0.05 mol dm”, and [H,0]}= 0.04mol dm=. Find out the direction of the” 


Teaction ifK, for the reaction at 25°€ igj4. 








Solution: 
Esterification reaction is eeeenica by the following Poichiomenie equation. 
CH,COOH + C,H,OH CH,COOC,H, +H,O 
_ Allthe substances are present in the same volume of solution, therefore K, F given by 
_ [CH,COOC,H,][H,0] 
[CH,COOH][C,H,OH] 


The various values of concentrations, at time tare substituted to get the ratio 


_9.05x0.04 
© 0,025x0.032 = [2.50] Answer 


The given value of K, for this reaction is4and2,5isless than K.. sc EreLOle, the reaction will 
proceed in the forward direction to attain the equilibrium. 


(ii) Extentot ie ont re 
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almost complete. 

(b) If the value of K. is small, it reflects that the reaction does not proceed 

appreciably in the forward direction. 

(c) Ifthe value of K, is very small, this shows a very little forward reaction. 


Examples: 
Equilibrium constant for the decomposition of ozone to oxygen is 10° at25°C, 


ile, 20; —===30), VK<—10> at 25°C 
It infers that at room temperature, O, is unstable and decomposes very rapidly to 
O,,. This reaction is almost complete. 
On the other hand the value of equilibrium constant for the decomposition of HF 
at 2000°C is 10"; 





HF (g) —— H,(g) + E(g) K, =107% at 2000°C 
It indicates high stability and slow decomposition of HF, even at 2000°C. 


(iii) The Effect of Conditions on the Position of Equilibrium 
Equilibrium constant and position of equilibrium are two different entities. K, is 
. equilibrium constant and has constant value at a particular temperature whereas the ratio 
of products to reactants in equilibrium mixture is described as the position of equilibrium 
and it can change if the external conditions e.g. temperature, pressure and concentrations 
are altered. If K, is large the position of equilibrium lies on the right and if itis small, the 
position of the equilibrium lies on the left, for a reversible reaction. 

Chemists are interested in finding the best conditions to obtain maximum yield of 
the products in reversible reaction, by favourably shifting the position of equilibrium ofa 
reaction. For this purpose, we have to discuss an important principle in this respect, 1.c., 
Le- Chatelier’s principle. 


8.1.6 The Le-Chatelier's Principle 

Le-Chatelier studied the effects of concentration, pressure and temperature on 
equilibria. 

This principle states that if. stress is applied to a system at equilibrium, the system acts 
in such a way so as to nullify, as far as possible, the effect of that stress. 

The system cannot completely cancel the effect of change, but will minimize it. The 
Le-Chatelier’s principle has wide range of applications for ascertaining the position and 
composition of the physical and chemical equilibria. 

(a) Effect of Changein Concentration 

In order to understand the effect of change in concentration on the reversible 
reaction, consider the reaction in which BiCl, reacts with water to give a white insoluble 
compound BiOCl.. 


iS: ¥ 





as 
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BiCl, + H,O =—— BiOCl1 + 2HC1 
The equilibrium constant expression for above reaction can be written as: 
_ {BIOCI[HCI 
. [BiC1, ][H,O] 

. Aqueous solution of BiCl, is cloudy, because of hydrolysis and formation of 
BiOCI. If a small amount of HCl is added to this solution, it will disturb the equilibrium 
and force the system to move in such a way so that effect of addition of HCl is minimized. 
The reaction will move in the backward direction to restore the equilibrium again and a 
clear solution will be obtained. However, if water is added to the above solution the 
system will move in the forward direction and the solution will again become cloudy. 
The shifting of reaction to forward and backward direction by disturbing the 
concentration is just according to Le-Chatelier’s principle. 

So, in general, we conclude that addition of a substance among the reactants, or 
the removal of a substance among the products at equilibrium stage disturbs the 
equilibrium position and reaction is shifted to forward direction. Similarly, the addition 
ofa substance among the products or the removal ofa substance among the reactants will 
derive the equilibrium towards the backward direction. Removing one of the products 
formed can therefore increase the yield of a reversible reaction. The value of K, however 
remains constant. This concept is extensively applied in common ion effect and follows 
the Le-Chatelier” 's principle: 


b) Effect of Change: in Pressure or Volume 

The’ change i i pressure or volume is important only for the reversible gaseous 
reactions where the number of moles of reactants and products are not equal. 
Le-Chatelier’s principle plays an important role, to predict the position and direction of 
the reaction. Take the example of formation of SO, gas from SO, gas and O, gas. 


280, (g) + O, (g) == 2SO,(g) 

This gas phase reaction proceeds with the decrease in the number of moles and 
hence decreases in volume at equilibrium stage. When the reaction approaches the 
equilibrium stage, the volume of the equilibrium mixture is less than the volume of 
reactants taken initially. If one decreases the volume further at equilibrium stage, the 
reaction is disturbed. It will move to the forward direction to: minimize “the effect of 
disturbance. It establishes a new equilibrium position while K, remains constant. The 
reverse happens when the volume is increased or pressure is decreased at equilibrium 


stage. 
(c) Quantitative Effect of Volume on Equilibrium Position 
The quantitative effect of change of volume or pressure can be inferred from the 
mathematical expression of K, for SO, (g) synthesis. 
2S0, (g) + 0,(g) ——= 280 ) 
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a - 
Kk, ot eae 
(a-2x)' (b-x) 

Where ‘V’ is the volume of reaction mixture at equilibrium stage, ‘a’ and ‘b’ are 
the number of moles of SO, and O, present initially and Y are the number of moles of 
oxygen which has reacted at equilibrium. According to the above equation, when volume 
is increased, then ‘x’ has to be decreased to keep K, constant. The decrease of x means 
that reaction is pushed to the backward direction. From the amount of the increase in 
volume, we can calculate the amount of x which has to be decreased to keep K. constant. 

Similarly, increasing the pressure on the above reaction at equilibrium, will 
decrease the volume and hence the value of K, will increase. In order to keep the value 
of K. constant, the reaction will move in the forward direction. : 

In the same way, we can explain the effect of change of pressure on the 
equilibrium positions for the dissociation of PCI, and N,O, reactions. These reactions are 
homogenous gaseous phase reactions. 

PC1, dissolves to give PCI, and Cl. 


PCI,(g) == PCl,(g) + Cl,(g) 


K. for this reaction is as follows: - 
x? 
K= 
V (a-x) 
The dissociation of N,O, gives NO, gas 
N,O,(g) —— 2NO,(g) 
The K, for this reaction is as follows 





4x? 
TY, (a-x) 

Both these reactions have the factor of volume present in the denominator. The 
reason is that numbers of moles of products are greater than those of reactants. So, increase 
in pressure will decrease x to keep the value of K, constant and the reaction will be pushed 
to the backward direction. The equilibrium position is disturbed but not the K_ value. 

Remember that, those gaseous reactions in which number of moles of reactants 
and products are same, are not affected by change in pressure or volume. Sameis the case 
for reactions in which the participating substances are either liquids or solids. 





d) = Effectof Change in Temperature 

_ Most of the reversible chemical reactions are disturbed by change in temperature, 
If we consider heat as a component of equilibrium system, arise in temperature adds heat 
to the system and a drop in temperature removes heat from the system. According t to Le- 
Chatelier’s principle, therefore, a temperature increase favours the ‘endothermi sn ermic 
reactions anda a temperature decrease favours the exothermicreactions. tinea 
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The equilibrium constant changes by the change of temperature, because the 
equilibrium position shifts without any substance being added or removed. Consider the 
following exothermic reaction in gas phase at equilibrium taking place at a known 
temperature. 
CO (g) +H,0 (g) ——= CO,(g) + H,(g) AH=-41.84kJ mol! 

At equilibrium stage, if we take out heat and keep the system at this new lower 
temperature, the system will readjust itself, so as to compensate the loss of heat energy. 
Thus, more of CO and H,O molecules will react to form CO, and H, molecules, thereby, 
liberating heat because reaction is exothermic in the forward direction. It means by 
decreasing temperature, we shift the initial equilibrium position to the right until a new 
equilibrium position is established. On the contrary, heating the reaction at equilibrium 
will shift the reaction to the backward direction because the backward reaction is 
endothermic. 

An interesting feature of Le-Chatelier’s principle is the effect of temperature on 
the solubility. Consider a salt such as KI. It dissolves in water and absorbs heat. 

KI (s) —— KI (aq) AH = +21.4kJ mol" 

Let us have a saturated solution of KI in water at a given temperature. It has 
attained equilibrium at this temperature. A rise in temperature at equilibrium favours 
more dissolution of the salt. Equilibrium is shifted to the forward direction. On the other 
hand, cooling will favour crystallization of salt. Hence the solubility of KI in water myst 
increase with increase in temperature. 

For some salts the heat of solution is close to zero (heat is neither evolved or 
absorbed). The solubility of these salts in water is not affected by the change in 
temperature. Formation of aqueous solution of NaCl is an example of sucha salt. 

Those substances, whose heats of solutions are negative (exothermic), decrease 
their solubilities by increasing temperature, as LiCl and Li,CO, , etc. 


(e) Effect of Catalyst on Equilibrium Constant 
In most of the reversible reactions the equilibrium is not always reached within a 


, suitable short time. So, an appropriate catalyst is added. A catalyst does not affect the 


¢quilibrium position of the reaction. It increases the rates of both forward and backward 

teactions and this reduces the time to attain the state of equilibrium. 
Actually, a catalyst lowers the energy of activation of both forward and reverse 

steps by giving new path to the reaction. 


8.2 APPLICATIONS OF CHEMICALEQUILIBRIUMIN 


INDUSTRY . 
Concept of chemical equilibrium is widely applicable for preparation of certain 
materials on industrial scale. Let us discuss the manufacture of NH, and SO, gases on 
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8.2.1 Synthesis of Ammonia by Haber’s Process 
The process of ammonia synthesis was developed by German chemist F. Haber 

and first used in 1933. This process provides an excellent setting in which to apply 

equilibrium principle and see the compromises needed to make an industrial process 
economically worth while. The chemical equation is as follows. 
N,(g) + 3H, (g)—— 2NH,(g) AH = -92.46kJ 

When we look at the balanced chemical equation it is inferred, from 
Le-Chatelier’s principle that one can have three ways to maximize the yield of ammonia. 

(i) By continual-withdrawl of ammonia after intervals, the equilibrium will shift to 
forward direction in accordance with Le-Chatelier’s principle. To understand it 
look at the effect of change of concentration in Le-Chatelier’s principle. 

ii) Increase the pressure to decrease the volume of the reaction vessel. Four moles of 
the reactants combine to give two moles of the products. High pressure will shift 
the equilibrium position to right to give more and more ammonia. 

(ili) | Decreasing the temperature will shift it to the forward direction according to 
Le-Chatelier’s principle. 

So high pressure, low temperature and continual removal of ammonia will give © 
the maximum yield of ammonia. Table (8.2) shows the effect of the rise in temperature 
on the value of Kc and the Fig. (8.3) shows the _ Table (8.2) Effect of temperature on 
optimum conditions to get maximum yield of K, for ammonia synthesis 
ammonia. Fig (8.3) shows percent yield of 


ammonia vs. temperature (°C) at five different 747x410" 
‘Operating pressures. At very high pressure and. 2 6 9x 10° 
dow temperature “(top left), the yield of NH, is . ‘ 
high but the-rate-of formation is low. Industrial 3.94 x 10 
conditions denoted by circle are between 200 1.72 x 10° 
and 300 atmospheres at about 400°C; “4.53 x 10° 
No doubt, the yield of NH, is 2.96 x 107 


favoured at low temperature, but the rate of 
its formation does not remain fayourable. 
The rate becomes so slow that the process is 
rendered uneconomical. One needs a 
compromise to optimize the yield and the 
rate. The temperature is raised to a 
moderate level and a catalyst is employed to 
increase the rate. If one wants to achieve the 
same rate without a catalyst, then it requires 
much higher temperature, which lowers the 
yield. Hence the optimum conditions are the 
pressure of 200-300 atm and temperature around 
673 Be: The coaleeue Pieces ofiron 





3.96 x 10° 
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crystals embedded ina fused mixture of MgO, AI.O, and SiO.. 

The equilibrium mixture has 35% by volume of ammonia. The mixture is cooled 
by refrigeration coils until ammonia condenses (B.P = -33.4°C) and is removed. Since, 
boiling points of nitrogen and hydrogen are very low, they remain in the gaseous state 
and are recycled by pumps back into the reaction chamber. 

Nearly 13% ofall nitrogen fixation on earth is accomplished industrially through 
Haber’s process. This process synthesizes approximately 110 million tons ofammonia in 
the world. About 80% of this is used for the production of fertilizers and some is used in 
manufacture of explosives or the production of nylon and other polymers. 


$.2.2 Preparation of Sulphur Trioxide 
In the contact process for manufacture of H,SO,, the conversion of SO, to SO, is 
- achieved ina reversible reaction. 
2S0,(g) + O,(g) == 2S0,(g) AH = -194 kJ mol"! 

The temperature and pressure are the most essential factors for controlling the 
rate of this reaction. The principles involved here are the same as those discussed 
previously for Haber’s process. At low temperature, the equilibrium constant for 
formation of SO, is large but equilibrium is reached very slowly. As the temperature is 
raised the rate increases but the yield of SO, drops off according to Le-Chatelier’s 
principle. High pressure tends to increase yield of SO,. However, instead of using high 
pressure, the concentration of O, (air) is increased to increase the yield of SO,. Table (8.3) 
helps to understand the effect of different conditions on the yield of SO,. During the 
process pressure is kept at one atmosphere. 

To have the best possible yield of SO, within _—“Mble (8.3) Effect of temperature 
a reasonable time, a mixture of SO, andO, (air) at1 lod eet 


. 3 ce) Temp. | Mol % 
atm pressure is passed over a solid catalyst at 650 C. 


The equilibrium mixture is then recycled at lower 










temperature, 400 to 500°C, to increase the yield of 98 
SO,. The most effective catalysts are V,O, and finely 91 
divided platinum. SO, is dissolved in H,SO, to get % 
oleum, which is diluted to get H,SO,. i 






H,SO, is the king of chemicals. A country’s 


industrial progress is measured by the amount of 31 





' _ H,SO,manufactured each year. 


83 IONICPRODUCTOFWATER 
Pure water is a very poor conductor of electricity but its conductance is 
measurable. Water undergoes selfionization as follows and the reaction is reversible. 


sO + H,O —— H,0*+ OT 
nd H,0 == H’+ OH 
quilibriur constant frthsreaction can bewritenas follows. 
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_ (HOH) 
: [HO] 

The concentration of H,O, i.e., [H,O] in pure water may be calculated to be 
1000 g dm” divided by 18 g mol ™ giving 55.5 mol dm” 

Since, water is present in very large excess and very few ofits molecules undergo 
ionization, so its concentration remains effectively constant. Constant concentration of 
water is taken on L.H.S. and multiplied with K, to get another constant called K,. 

1.8x 10°°x 55.5 =1.01x10™ = [H’][OH] 

This 1.01 x 10“ is called K, of water of 25°C 

K, [H,O]=[H ][OH] 

So, K, = [H' ][(OH] =10"at25°C. 

K, is called ionic product of water or dissociation constant of water. The value of 
K, increases almost 75 times when temperature is increased from 0 °C to 100 °C. 
Anyhow, the increase in K,, is not regular. The effect of temperature on K,. is shown in 
Table (8.4). OPES 

When ever some quantity of acid or base is See 
added in water, then K, remains the same, but [H] and 
[OH Jare no more equal. Anyhow, in neutral water 
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S =1.8 x 10° mol dm™ 





[H’]=[OH ] 
or [H’ ][H*]=10" 
[H' ]=10" 
[H']=10’moldm” 
and [OH ]=10"mol dm” ; 


This means that out of 55.5 moles of pure water in one dm’ of it, only 10” moles 
of it have dissociated into ions. This shows that water is a very weak electrolyte. At40 C, 


the [H’] = [OH] but the values are more than 10” mol dm” and pure water is again 


neutral at 40 °C. Similarly, pure water is neutral at 100 °C. [H'] and [OH ] are greater than 
those at 40 °C. In case of addition of small amount ofan acid 


[H ]>[OH] 


While in the case of addition of few drops ofa base 
[OH ]>[H] val . 
During both of these additions, the value of K, willremain the same, i.e., 10“ at25°C. 


pH and pOH 


Actually, in all the aqueous solutions, the concentration of H” and OH are too | 
low to be conveniently expressed and used in calculations. In 1909, Sorenson, a Danish 


biochemist, introduced the term pH and pOH. So, the scales of pH and pOH have been 


developed. pH and pOH are abbreviations ofnegative log ofhydrogenionconcentration _ 
‘ eae a issn . 


and negative log of hydroxide ion concentration, respectively. 
erp clecten aie 
; 





-log(H’] ’ : : : ‘ar. 
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pOH = -log[OH ] 
Forneutral water, § pH = -logl0’=7 
pOH = -log10”=7 


' when pH=7, — solution is neutral 
pH<7, — solution is acidic. 
pH>7, — solution is basic 


If we take the negative log of K,, then itis called pK,. 


pK, = -logK, - 
= -logl0™ 
; pK, = 14log10 Since (log 10=1) 


pK, = 14x1=14 (at25°C) 
The value of pK, is less than 14 at higher temperatures, i.e., at 40 °C and 100°C. 
The value of pH normally varies between 0 —->14 at 25°C. Solutions of negative 
. pH and having values more than 14 are also known. Table (8.5) shows the relationship 
among [H ],[OH ], pH and pOH of various solutions. 
Table (8.5) Relationship of [H,O’], [OH], pH and pOH 


1x10°° 
1x10°7 
1x10" 
1x10” 
1x10” 
41x10° 


oe 
a 
o 
2 
2 
S 
= 


More acidic 





"The pH Anes of some familiar aqueous solutions are shown inTable (8.6). 
i : This table can Ba eernpae ie nein = (ety antral commicnly nae 
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Table (8.6) Approximate pH and pOH of some common materials at 25°C 


1.0 M HCI Bread 

0.1 M HCl sth: : Potatoes 
0.1MCH,COOH] 2. -10 «| Rainwater 
Gastric juice y : Milk 
Lemons |), 74 : Saliva 
Vinegar L : Pure water 


Soft drinks : 4 Eggs 

Apples : : 0.1 M NaHCO, 
Grapefruit i ! Seawater 
Oranges ! : Milk of magnesia 
Tomatoes : } 0.1 M NH, 
Cherries : f 0.05 M Na,CO, 
Bananas : ly 0.1 M NaOH 


8.4 IONIZATION CONSTANTS OFACIDS (K,) 

Acids and bases when dissolved in water may or may not be completely 
dissociated. Many acids are weak electrolytes and ionize to an extent which is much less 
than 100%. The value of K, called the dissociation constant of acid, is the quantitative 
measure of the strength of the acid. Suppose we have an acid HA dissolved in water, ina 
reversible manner 








. HA+H,0 H,O° + A 
K. for the reversible reaction will be written as follows. 


_ H,0°1A 
* — [HAJ[H,0] 
At the equilibrium ‘stage, the concentration of water is almost the same as at the 


initial stages because it has been taken in large excess. A reasonable approximation, 
therefore, is to take the concentration of water to be effectively constant and take it on the 


left-hand side with K.. 





K 


(HOTA) 
K, O 
TON st aaa 
Let K, “fH,0]=K, 


K, is another constant | _H Of TAT 
Hence Or (HA). 

This equation dane uid to calovletere for tao sation if fwe know the pH 
or [H’] of that solution and the initial concentration of acid [HA] dissolved. This can 
also be used to calculate the equilibrium concentration of H,O” and A’ produced ifwe 
know the initial concentration of acid HA andits Li 
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When K,< 10° _ acidis weak 
K, = Itol0” acidis moderately strong 
K, > 1 acid is strong 


The values of K, for some acids are given in the Table (8.7) 


Table (8:7) Dissociation constants of some acids at 250C and their relative strength 


Dissociation Relative strenght 
ve g 7) 









FCO 
RS 






= 


CH;COOH | cu.coo = H+CH,Coo- _|1.85x10" 
H,S = H*+HS oxo? 






=| =| =| =| =| = 
Oo] ©] @] @] Oo] o 
Oi mi ww] @] oF ow 
od ee re es re 


BGO: geass 
Percentage Ionization of Acids 
We can calculate the percentage. ionization of weak acids and the formula is as 


follows: ee Amount of acid ionized 
% ionization = 





Amount of acid initially available 

The percentage ionization of weak acids depends upon the extent of dilution of 

their aqueous solutions. Table (8.8) shows the change in percentage ionization of 

acetic acid at different concentrations. Lesser the molarity, diluted the solution, greater 

the chances for electrolyte to be dissociated. When 0.1 mole of CH,COOH is dissolved in 

_ 1000 cm’ of solution, then 1.33 molecules are dissociated out of 100, and 13.3 out ‘of 

1000. When 0.001 mole are dispersed per dm’ of solution then 12.6 molecules of 

CH,COOH get dissociated out of 100. Remember that K, remains the same at all 
dilutions at a constant temperature. , 

Table (8.8) Percentage ionization and ionization constants of acetic acid at 25°C 
[ Wolarity | %lonked | [HO] | (cH,cOoH] | «| 


0.001330 0.098670 1.79x10%- 






























0.000945 0.049060 1.82x10% 
He, ~ 0.000417 | © -0.009583 1.81x105 
0.004707 1.81x10°5 


0.000293 


0.000874 1.72x105 


CHEMICAL EQUILIBRIUM 
Example 4: 


Chemistry-XI 


What is the percentage ionization of acctic acid in a solution in which 0.|molof 
it has been dissolved per dm’ of the solution. 
Solution: 


It ll ; 
CH,-C-O-H ==  CH,-C-O0' + H’ K, =1.85x107 


Initial conc. 0.10 mol 0 mol Omol . t= Osec. 
Change in concentration due to ionization 
(0.1-x)mol ——= x mol + xmol_ 
Concentration at equilibrium 7 
(0.1-x)=0.10 == xmol + xmol t=teq 


(0.1 -x) is approximately 0.1, because, value of x is very small as compared to0.1. 
The reason is that CH,COOH is a much weak electrolyte. . 


_ (CH,COO™H*] _ xx 


[CH,COOH] 0.1 
Putting the value of K, 
x? 
1.85.x 10° = — 
0. 
or: x’=0.1x1.8x 10°=1:8x10" 
Takin ing square root on both sides 
x = 13x 10° mol ‘8 
In other words ret = 1.3x10°moldm” (amount of acid ionized) 
f ionized acid 
Onionizationi= concentration of ionized acid x 100. 
original concentration wy Mile 
= 30 - i - rs = Ue | uM ii f 
“% ionization = err [3%] Answer . ” fh be ae 


Hence, out of 1000 molecules of acetic acid only 13 are dissociated into ‘into ons me ha 
when 0.1 molar solution is prepared. Tn other: v ‘words when. 6 gof COOH, ‘ie. i ! 
0.1 mole is dissolved in 1000 cm’ fret molecules s ionize out ofevery 1000 
CH,COOH molecules. 

r This is known as Oxtwaldis gt 
dissociations. ni sapqpeetan Ree ia 


8.5. IONIZATION‘ 
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NH,(aq)+ H,O(@) =——= NH; (aq) + OH (aq) 
co" (aq) + H,O (@) == HCO}- (aq) + OH (aq) 
NH, and CO,” have acted as bases in above reactions. They have different abilities to 


accept protons from water molecules. We compare these abilities of bases by knowing the 
equilibrium constant K,, which is called base ionization constant of a base. Let the base be 


_ Tepresented by B. Then 


B(aq)+ H,O(€) ——_—_—&BH*(aq) + OH (aq) 
[BH"}[OH ] 
[B] [H,0] 


Since, the concentration of H,O constant, being in large excess’. 


So, K, [H,0] = oe s 


K- 


Put K. [H,0]=K, 
A x, = BH'IOH 
i [B] ! 


K, value of a base is the quantitative measurement of strength of a base Smaller 


the K, value; weaker the base. Table (8.9) gives the K, values for some bases. 
Table (8.9) K, of some important bases 


I 
Dissociation strength 
mon Nowenevor ‘(Veh 
ou ron x08 very 








CH,NH, +H,0 =CH,NH, +H |498x10" [Weak 
: chy! amine) " 
’ -10 
C\H,NH, +H,0 = C,H,NH,' +oH- [47X10 | Very weak 
‘Aniline) ; 


pK, and pK, 






From the Table (8.7) and (8.9), we conclude that the values of K, and K, for weak | 


acids and bases are small numbers usually expressed in exponential form. It is 
convenient to convert them into whole numbers by taking their negative log. Thus we 
obtain pK, and pK, values of acids and bases. . 

fa cig pK, = -log K, 
pK, = -log K, 


ee | 
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Larger the pK,, weaker is the acid and vice versa. Similarly, larger the pK,, 
weaker is the base. If the difference of pK, values of the two acids is one, then acid with 
smaller pK, is ten times stronger than the other. If the difference is two, then one is 
hundred times stronger than the other. 


8.6 Lowry Bronsted Acid and Base Concept 

According to this concept, acids are those species which donate the proton or 
have a tendency to donate and bases are those species which accept the proton or have a 
tendency to accept the proton. 

Whenever, a weak acid or a weak base is dissolved in water, the conjugate acid 
base pair is produced. There is a close relationship between K, of the acid, K, of the 
conjugate base and K,, of water. Let us have an acid HA, andit it gives protons to water ina 
reversible manner. H,O’ gives proton toA“and is an acid, but A accepts H’ from H,O" and 
act as a conjugate base of HA. 

HA+H,O == H,O" + AT 
acid base Conjugate acid Conjugate base 
of H,O of HA 

Now) xe = CES OMUAS I ony orealetultal 

© [H,O][HA] [HA] 


In case A is dissolved in water, the equation for hydrolysis of conjugate base A’ will be, 


A- HO) et Olle 2 


base acid acid base 
So,its x. = FHAN[OHT] 
[A] : 
Letus multiply two expressions for K, 
tie cane “J; (OH THA] 
5 ‘ a b “to [AN] : 
Or x. x K, =[H* JOH? ) bie 
Or IX, x K,° a Ky 


This equation is useful in 1 the sense that if we know K, of the acid, we can 
calculateK, forthe conjugate base and vice versa. The yalue of K, is aconstantata AN 
‘temperature. i.e., 10" at 25°C 


Let us take the log of: above equation 
log(K,xK,) .=  _ log(K,) 
or logK, + logK, = — logK, Z * 
yobs 


Multiply both sides by -1 SS ea eee 
-logK, -logK, 7 
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.Since | pK,=-logK,andpK,=-logK, 
or pK, +pK,=pK, 
Since pK,=14, at 25°C,hence pK, and pK, of conjugate acid base pair has a very 


simple relation with each other. 


pK, +pK,=14 at 25°C 
This equation proves the following facts. 
(a) Conjugate base ofa very weak acid is relatively very strong base. 
(b) Conjugate acid ofa very strong base is relatively very weak acid. 


So Ky « <b 


b 
8.7 COMMONION EFFECT 
The suppression of ionization of a weak slecirotyte by adding a common ion 
from outside is called common ion effect. 
We are familiar with purification of sodium chloride by passing hydrogen 
chloride gas through saturated brine. Sodium chloride is fully ionized in the solution: 
Equilibrium constant expression for this process can be written as follows: 


NaCl (s) = Na’ (aq) + CI (aq) 


K= [Na*J[C1"] 
[NaCl] 


HClalso ionizes in solution 
HCl = H'(aq)+CI (aq) 
On passing HCl gas, concentration of CI ions is increased, therefore NaCl 
crystallizes out of the solution to maintain the constant value of the equilibrium constant. 
This type of effect is called the common ion effect. The addition of acommon ion 
to the solution ofa less soluble electrolyte suppresses its ionization and the concentration 
of unionized species increases, which may come out asa precipitate. 
Na’ (aq)+CI (aq) = NaCl(s) 
More Examples of Common Ion Effect 
(i) The solubility of a less soluble salts KCIO, in water is suppressed by the addition 
ofa more soluble salt KCI by common ion effect. K” is a common ion. The ionization of 
KCIO, is suppressed and it settles down as precipitate. 
KCIO, (s) = K’ (aq) +Cl0;, (aq) 
KCl(s) = K’'(aq)+CI (aq) 
(i) _ Similarly, the dissociation of a weak acid HSi in water can be suppressed by the 
spadition. of. Seabee acid HCI. H’ is acommon ion. HS becomes less dissociated in acidic 
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solution. In this way low concentration of Sion is developed. 
H,S =  2H'(aq) + S* (aq) 


This low concentration of S” ions helps to-do the precipitation of radicals of 

second group basic radicals during salt analysis. 
HCI (aq) = H' (aq) + CI (aq) 

(iii) | An addition of NH,Cl in NH,OH solution suppresses the concentration of 
OH (aq) due to the presence of a large excess of NH,’ from NH,Cl. Actually, NH,Clis a 
strong clectrolyte. The combination of these two substances is used as a group reagent in 
third group basic radicals 

NH, Cl(aq) = NH, (aq) + CI (aq) 


NH, OH (aq) = NH,’ (aq) + OH (aq) 
(iv) Common ion effect finds extensive applications in the qualitative analysis and 
the preparation of buffers: 


8.8 BUFPFPERSOLUTIONS 
Those solutions, which resist the change in their pH when a small amount of an 

acid or a base is added to them, are called buffer solutions. They have a specific constant 

value of pH and their pH values do not change on dilution and on keeping for a long time. 
Buffer solutions are mostly prepared by mixing two substances. 

(i) By mixing a weak acid and its salt with a strong base. Such solutions give acidic 
buffers with pH less than 7. Mixture of acetic acid and sodium acetate is one of 
the best examples of such a buffer. : 

(ii) By mixing a weak base and its salt with a strong acid. Such solutions will give 
basic buffers with pH more than 7. Mixture of NH,OH and NH, is one of the 
best examples of such a basic buffer. 


(a) Why doweneed BufferSolution? 
It is a common experience that the pH of the human blood is maintained at pH 
7.35, ifit goes to 7.00 or 8.00, a person may die. oe 
Sometimes one wants to study a reaction under conditions that would suffer any 
_associated change in the pH of the reaction mixture. So, by suitable choice of the solutes, 


a chemist can ensure that a solution will not experience more than a very small change in 
pH, even if a small amount ‘of a strong acid or a strong base is added. Buffers are 
important in many areas of chemistry and allied sciences like molecular biology, 
microbiology, cell biology, soil sciences, nutrition and the clinical analysis. 

Buffer is not a new concept: at this stage of our discussion, itis just the application 
ofcommonion effect. — 


(b) ) How do the BuffersAct? — 
Let us take the example of an acidic buffer omg of CH,COOH. and 
CH,COONa. Common ion effect bees us to understand ‘how the buffer will quan ‘ 
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Pettit Stems 
CH,COOH, being a weak electrolyte undergoes very little dissociation. When 
CH,COONa, which is a strong electrolyte, is added to CH,COOH solution, then the 
dissociation of CH,COOH is suppressed, due to common ion effect of CH,COO . 


CH,COOH (aq) +HO(€) =CH,COO"(aq) + H,O*(aq) 


CH COONa (aq) = CH COO (aq) + Na’ (aq) 

If one goes on adding CH,COONa in CH,COOH solution, then the added 
concentrations of CH,COO™ decrease the dissociation of CH,COOH and the pH of 
solution increases. The table (8.10) tells us how the pH value of a mixture of two 
compounds is maintained. Greater the concentration of acetic acid as compared to 
CH,COONa, lesser is the pH of solution. 


Table (8.10) Effect of addition of acetate ions on the pH of acetic acid solution 


[CH,COOH] | [CH, coo '} % Dissociation 
mol dm™) 





(mol dm>) 






neha a buffer mentioned above is a large reservoir of CH,COOH and 
CH,COO components. When an acid or H,O’ ions are added to this buffer, they will react 
with CH,COO’ to give back acetic acid and hence the pH of the solution will almost 
remain unchanged. The reason is that CH,COOH being a week acid will prefer to remain 
undissociated. Similarly, the buffer solution consisting of NH,Cl and NH,OH, can resist 
the change of pH and pOH, when acid or base is added from outside, When a base or OH” 
ions are added in it, they will react with H,O’ to give back H,O and the pH of the solution — 
again will remain almost unchanged. 
Calculating the pH of a Buffer 
Let us try to learn, how a buffer of definite pH can be prepared. Consider a weak 
acid HA and its salt NaA with a strong base say NaOH. The reversible reactions for 
dissociation of HA are as follows: 
HA = H'+ A 
NaA = Na’ +A™ 
The dissociation constant of a weak acid HA is given by: 
+ AD 
kK. fH" ][A’] 
[HA] 


 Rearranging the equation: 
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K,[HA] 
[a ]= [A7] 

The concentration of A in the reaction mixture is predominantly ioite supplied 
by NaA which is a stronger electrolyte than HA and the ionization of HA is being 
‘suppressed by common ion effect (A is the common ion in this buffer solution). 

Taking log of this equation. 





K, [HA] 
l H* Ss eee 
og [H"] [AT] 
% [HA] 
log [H = log(K,) + log —— 
og [H’] og(K,) + log [A7] 
Multiplying with -1 on both sides 
+ [HA] 
=al = —!| - | 
og [H ] . og(K,) - log [AT] 
Since - log [H*] = pH and -log (K,)=pK, . 
‘i [HA] 
So, H = pK, -log —— 
0 P. P. og > TA] 


[A] refers to the ance of the salt Actually, maximum possible 
concentration of A’ is given by NaA, being a strong electrolyte. 
[acid] 
[salt] . 
Interchanging the numerator and denominator, the sign of log changes 
[salt] oma 
-[aci acid] AY 2.0¢e5 5 ioe " 
This relationship is called Heuidercon® 's equation. This’ scyitiva SH ORE two a 
factors evidently govern the pH of a buffer solution. First isthe pK, ofthe acid used and ee 
second is the ratio of the concentrations of the salt and the acid. The 
prepared by taking equal concentration of saltand aci si So pisconoledbynK of : 
acid, For example, for acetic acid soc cetate buffer, if oe el 





pH=pK, -log 





pH=pK, + ace 
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pH=4.74. 
It means that the pH of this buffer is just equal to the pK, of the acid. 
Similarly for formic acid sodium formate buffer, if 
[HCOOH] = {HCOONa] 

then pH = pK,+0=pK, 

so pH=3.78 

To prepare a buffer of definite pH, we need a suitable acid for that purpose. We 
can also manage the. buffer of our-own required pH by suitably selecting the 
concentration ratio of the salt and the acid. If [CH,COOH] is 0.1 mol dm” and that of 
[CH,COONa] is 1.0 mol dm” , then, 


pH= Be: 74+ log —— Lal 


[acid] 
pH = 4.74 + log ~ = 4.74 + log 10 
Since, log 10=1 
‘pH =4.74+1=5.74 
pH = 5.74 
"Similarly, if[CH,COOH] is 1.0 mol dm” and [CH, COONa]i is 0.1 mol dm”, then, 


pH = 4.74 + log: a 


pH = 4.74 + log = = 4.74 + log 107" 


pH =4.74-1 = 3.74 
of pH =3.74 
Anyhow, the above mentioned combination can be used to prepare buffers 
having pH from 3.74 to 5.74. The buffer beyond this range will not be good buffers and 
sea a ae ; 
c eee ona haved their own Henderson equation. For 
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Example5: Calculate the pH of a buffer solution in which 0.11 molar CH,COONa and 
0.09 molar acetic acid solutions are present. K, for CH, COOH is 1.85 x 10° 
‘Solution: 
0.11M CH,COONa solution means that 0.11 moles are dissolved in 1 dm’ of 

solution. ; 

[CH,COGONa] = 0.11M 

[CH,COOH] = 0.09M 

K,ofCH,COOH . =1.85x 10° 
pK, = -log(1.8x10°)=4.74 


pH = pK, + log Tealt} 


[base] 

0.11 

= 4.74 + log —— 

pH °F 0.09 
pH = 4.74 + 0.087 = [4.83] Answer 


Since, the concentration of CH,COONa is more than that of CH,COOH, so pH of 
buffer is greater than 4.74. In other words, the solution has developed the properties of a 
base, because CH,COONa has Na’ ion which is froma strong base. 


8.8.1 Buffer Capacity 

The buffer capacity of a solution is the capability of a buffer to resist the change of 
pH. It can be measured quantitatively how much extra acid or base, the solution can 
absorb before the buffer is essentially destroyed. Buffer capacity of a buffer solution is 
determined by the sizes of actual molarities of its components. So, a chemist must decide 
before making the buffer solution, what outer limits of change in its pH can be tolerated. 

Let us do some calculations to check the effectiveness of a buffer system. Consider, 
that we have a buffer having 0.11 molar CH,COONa and 0.09 molar acetic acid. Its pH will 
be 4.83. Let us add 0.01 mole of NaOH in one dm’ of the buffer solution (remember that 
addition of 0.01 mole NaOH per dm’ of solution will change the pH from 7.00 to 12.00 in 
pure water). Since NaOH is a strong base and it is 100% dissociated, it generates0.01 mole 
OH”. Out of 0.09 mole of CH,COOH, 0.01 mole will react with OH, and 0.08 mole of _ 
CH,COOH is left behind in one dm’ of solution. This neutralization of course makes the 
identical change in the amount of CH,COONa and its concentration will increase from 0.11 


- molto0.12 mole. 


salt 
Henderson equation is, oS pK, Plog ee ae —n 


Putting the new concentrations ofsalt and acid after addition of NsOH. 


0.12 
‘i 4 +g | Abe ‘ ¥ 
By 47 e O08 0.08 wy os <j 
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pH = 4.74 + log (1.5) 
pH = 4.74+0.176 
pH = [|4.92|Answer 


_ It means that there is a very small change in pH from 4.83 to 4.92, that is only a 
difference of 0.1. So we reach the conclusion that a buffer does not hold the pH exactly 
constant. But it does a very good job in limiting the change in pH to a very small amount. 


8.9 EQUILIBRIA OF SLIGHTLY SOLUBLE IONIC 

COMPOUNDS (SOLUBILITY PRODUCT) 

When a soluble ionic compound is dissolved in water, like NaCl, it dissociates 
completely into ions. But for slightly soluble salts the dissociation is not complete at 
equilibrium stage. For example, when PbCL, is shaken with water the solution contains Pb”, 
CI and undissociated PbCL.. It means that equilibrium exists between solid solute, PbCl, and 
the dissolved ions, Pb” and CI. 


PCI, (s) = PbCI, (aq) = Pb” (aq) 2Cr (aq) 
[Pb** (aq) }[C1" 4)” 


According to law of mass action K, = 
[PbC1,] 
Lead sulphate is a well known sparingly soluble compound and it dissociates to a 
very small extent like PbCl.. 


PbSO, (s) = PbSO, (aq) = Pb” (aq) SO,* (aq) 
_ [Pb**][SO,"7] 
: [PbSO,] 
Being a sparingly soluble salt the concentration of lead sulphate (PbSO,) almost 
remains constant. Bring [ [PbSO,] on L.HLS. with K, 


ss K, [PbSO,]= [Pb ][S0,7] 
if, K, [PbSO,]=K, 
KAR eaI80. ‘(aq)}= 1.6x10° at 25°C 






Sk me 


gear nse. Itis the product of molar solubilities of 


’ 
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So, the solubility product is the product of the concentrations of ions raised to an 
exponent equal to the co-efficient of the balanced equation. The value of K, is a measure of 
how far to the right dissolution proceeds at equilibrium, i.e., saturation. The following Table 
(8.10) shows us the K, values of slightly soluble ionic compounds. 

Smaller the value of K ,, lesser the capability to be dissociated. 


Table (8.10) K,, values for some ionic compounds 
(compounds are arranged alphabetically). 


[Salt_[ ton Product | K, [Salt ton Product | Ke | 

jvepe [tveruery [sono coors") [anto™ =| 

jagico, [tAs'ricor) [eanio™ | easy [eaxio" | 
isco” 





7 










> 


Ee | 
cer) 
jaa tase) [ascio” recor, [ore"woury | r6nio”_| 
[vgs [teriss) — [aaos [mes iia stax | 
(Mg f 
x 










fos fiers) Jou’ a, __rerrerr [vane 


Ny 


J 
7 foo | : 
J ! 






2 


fan [rarer [sano [rso, — frwmxso21 [xenon | 
cum, [iorHOKF [suo [rs fener [rane | 


8.9.1 Applications of solubility product 


(a) Determination of K,,, from solubility 
From the solubility of the compounds, we can calculate K_ of the salt. The 


solubility for most of the compounds is given in terms of the grams of the solute per 100 g 
of water. Since the quantity of solute is very very small, so 100 g of water solution is 
considered to be 100 ml of solution. The reason is that the density of water is very close to 
unity. Hence, we get the concentration in moles dm”. The number of moles of solute dm” 
of the solution is calculated by dividing the mass of solute by its molar mass. Then by 
using the balanced equation, we find the molarity of each ion and then find K,. fi 


Example6:  Thesolubility of PbF, at25°C is 0.64 g dm”. Calculate K,, of PbF,. 


2 


Solution; " 
First ofall convert the concentration from gdm” to mol dm~. 
Mass of PbF, dessolved dm = 0.64 g 1 


Mlecularmass of PbF,=245.2gmol’ + 














‘ i‘ , ager it . | 
a: Ee tepoatige nae 0 Initial stage 
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0.64 g dm* 





Number of moles of PbE, = —————; = 2.6 x 10° 
245.2 g mol 

The balanced equation for dissociation of PbF, is, 

PbF, (s) = Pb" (aq) + 2F* (aq) 

2.6x10°M 0+ 0 t=Osec 

"Zero" mol * 2.6x10° mol + 2x2.6x 10° mol t=eq 

The expression of K, is- 

K,=[Po"]FT 

Putting values of concentration 

K,=2.6x10°x(2x2.6x10°) Answer 
(b) —_ Determination of Solubility from K,, 

For this purpose we need the Table (8.11) Relationship between K,, and the 
formula of the compound and K, value. solubility of some compounds. 
Then the unknown molar solubility S is Ser. | sane 
calculated and the concentration of the 
a as 

Table (8.11 ) shows the [a REC 
relationship between the K, values and - ra Co 
the solubility of some sparingly soluble ie) Bara re 

se [> an [amo Lomo 
Example7: Ca(OH), is a oe soluble compound. Its solubility product is 
6.5x10° Calculate the solubility of Ca(OH),. 
ie ll Page ent be represented by in terms of mol dm”. 
wl Sle te ayeh 


é atl taht (OH), = = Ca" (aq) + - 20H (aq) 







ata) 16 


s “ee 28 Equilibrium stage 





~~ '™ 
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S=(1.625)'"x107 
S=1.175x10" 

Hence, at equilibrium stage 1.175 x 107 mol dm” of Ca™ and 
2x1.175 x 10°=2.75 x 10° mol dm” OH are present in the solution. In this way, we have 
calculated the individual concentrations of Ca” and OH ions from the solubility product 
of Ca(OH),. 


Effect of Common Ion on Solubility 

The presence of a common ion decreases the solubility of a slightly soluble ionic 
compound. In order to explain it, consider a saturated solution of PbCrO,, which is a 
sparingly soluble ionic salt. 

PbCrO,(aq) = Pb” (aq) + CrO,” (aq) 

Now add Na,CrO, which is a soluble salt. CrO~, is the common ion. It combines 
with Pb” to form more insoluble PbCrO,. So equilibrium is shifted to the left to keep K, 
constant. 


KEY POINTS 

1. The reversible chemical reactions can achieve a state in which the forward and the 
reverse processes are occurring at the same rate. This state is called state of 
chemical equilibrium. The concentrations of reactants and products are called 
equilibrium concentrations and the mixture is called equilibrium mixture. 

2. Lawofmass action provides the relationship among the concentrations ofreactants — 
and products of a system at equilibrium stage.The ratio of concentrations of the 
products to the concentrations of reactants is called equilibrium constant. The 
equilibrium constants are expressed as K_, K,, K, and K.. 

3. The value of equilibrium constant can predict the direction and extent of a chemical 
reaction. 

4. The effect of change of concentration, temperature; pressure or catalyst m a 
reaction can be s adied witii the help of Le-Chatelier’s principle. Increasing 
concentrations of reactants or decreasing concentrations of products or heating of 
the endothermic reactions shifts the reaction to the forward direction. The change 
of temperature disturbs the equilibrium position and the equilibrium constant of 
reaction. A catalyst decreases the time to reach the equilibrium and does not alter 
the equilibrium position and equilibrium ¢ constant under the given conditions. 

5. Water is a very weak electrolyte and ionizes to a slight degree. The extent of this 
autoionization is expressed by ionic product of water called K_, having a value 10 
at 25°C. The addition of an acid or a base changes bed alr sa 
productremains the same at25'C_ An by i iehta oil uh, Ob soe 

6. The concentration of H’ is exp terms of I 1H] in term 
pOH. Neutral waterhas apH=7.and pOH=7.7 1c 





pn 
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10. 


Ql. 


i) 


ii) 


iil) 


iv) 





base ofa strong acid is always weak. So pK, + pK, = pK, Where pK, and pK, are 
the parameters to measure the strengths ofacids and bases. 

Those solutions which resist the change of pH are called buffer solutions. Buffer 
solutions of pH below 7 are prepared by mixing a weak acid and its salt with a 
strong base while basic buffers can be prepared by combining a weak base and its 
salt with a strong acid. Hendersen’s equation guides us quantitatively to have the 
buffer solutions of good buffer capacity and to select the pair of compounds for 
this purpose. 

The solubility of sparingly soluble substances is calculated from the solubility 
product data. This data provides us the information about the selective 
precipitation and fractional precipitation. 

Common ion effect operates best in buffer solutions, and purification of certain 
substances. It is one of the best applications of Le-Chatelier’s principle. 


EXERCISE 
Multiple choice questions 
For which system does the equilibrium constant, K. has units of (concentration) '? 


(a) N,+43H, =  2NH, 


(b) H,4, = 2HI 
(c)  2NO, = NO, 
(d) 2HF = HF, 


Which statement about the following equilibrium is correct? 
2SO,(g)+0,(g) =2S0,(g) AH=-188.3kJ mol" 


(a) ThevalueofK, falls with arise in temperature 

(b) Thevalue ofK, falls with increasing pressure 

(c) Adding V,O, catalyst increases the equlibeu yield of sulphur trioxide 
(d) Thevalue of K, is equal toKe. 

The pH of 10° mol dm” ofan aqueous solution of H,SO, is: 

[ae ez KC) 2.0! (dy 1.5 

The solubility product of AgCl is 2.0 x 10° mol’ dm®. The maximum 
concentration of Ag’ ions in the solution is: 

(a) 2.0x10°moldm* (b) — 1.41x10°moldm” 

(ec) 1.0x10°moldm* () 4.0x10”moldm* 


An excess of, aqueous silver nitrate is added to aqueous barium chloride and 


precipitate isremoved by filtration. What are the main ions in the filtrate? 


| (a) Ag'andNO;only (6) Ag‘andBa™andNO; 
© Ba” andNO; only (d) Ba” andNO;andCr 
jess bireni anew 


at which a reaction proceeds, is: 
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ii) 
iii) 
iv) 
v) 


Q3. 
i) 


ii) 


ili) 
iv) 
v) 


Q4(a) 
(b) 


(c) 


Q5(a) 
(b) 


(i) Sn*(aq)+2Fe*(aq) = Sn (aq) +2Fe™ (aq) 
(ii) Ag’(aq)+Fe"(aq) = Fe” (aq)+Agis) 

(iii) _N,(g)+0,(g) =  2NO(g) Swi 

(iv) 4NH,(g)+50,(2) =  4NO()+6H,O(g) : 

(v) PCI; (g) = PCL (g)+Ch(g)_. pea “We 
Reversible reactions attain the position oF equilibrium which: is s dynamic in 
nature and not static. Explainit. Pam pew rs Rea Ver * 
Why do the rates Ge Ee slow down a reve 


directly proportional to the product of the active masses of the 
In an exothermic reversible reaction, temperature will shift the iI 
equilibrium towards the forward direction. i 


The equilibrium constant for the reaction 20, — 30, is 10” at 25°C, it tells that 


ozone is at room temperature. ' 
In a gas phase reaction, if the number of moles of reactants are equal to the | 
number of moles of the products, K. of the reaction is totheK.. | 


Buffer solution is prepared by mixing together a weak base and its salt with or a | 
weak acid and its salt with ‘ h 
Label the sentences as True or False. 
When a reversible reaction attains equilibrium both reactants and products are 
present in a reaction mixture. 
The K, of the reaction 

A+B=C+D 


is given by 










Sere 
* [A] [B] 
therefore it is assunred that 
[A]=[B]=[C]=[D] 
A catalyst is a substance which increases the speed of the reaction and 
consequently increases the yield of the product. 
Ionic product K, of pure water at 25°C is 10“ mol’ dm and is represented by an 
expression K, =[H‘][OH]= 10 mol’ dm~ 
AgCl is a sparingly soluble ionic solid in water. Its solution produces excess of 
Ag’ and CT ions. 
Explain the terms “reversible reaction” and “state of equilibrium”. 
Define and explain the Law of mass action and derive the expression for the 
equilibrium constant(K.). 
Write equilibrium constant expression for the following reactions 






$< 14} —<$__———— 
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Q6 


(a) 
(b) 
(c) 


Q7(a) 
(b) 


Q8(a) 


(b) 
Q9 


Qi0 
(a) 


(b) 


approaches the equilibrium stage? 

When a graph is plotted between time on x-axis and the concentrations of 
reactants and products on y-axis for a reversible reaction, the curves become 
parallel to time axis ata certain stage. 

At what stage the curves become parallel ? 

Before the curves become parallel, the steapness of curves falls! Give reasons. 
The rate of decrease of concentrations of any of the reactants and rate of increase 
of concentrations of any of the products may or may not be equal, for various 
types of reactions, before the equilibrium time. Explain it. 

Write down the relationship of different types of equilibrium constants i.e. K, and 
K, for the following general reaction. 


aA +bB =—cC+ dD 


Find the comparative magnitudes of K. and K, for the following reversible 
reactions. 

i) Ammonia synthesis _ ii) Dissociation of PCI, 

Write down K, for the following reversible reactions. Suppose that the volume of 
reaction mixture in all the cases is “V’ dm’ at equilibrium stage. 


i) | CH,COOH+CH,CH,OH = CH,COOCGH,+H,0 


ii) H,+L = 2HI 
iii) 2HI = Tans 
iv) ee PCL PC) Cl: 


v) ° N,+3H, = 2NH, 

How do you explain that some of the reactions mentioned above are affected by 
change of volume at equilibrium stage. 

Explain the following two applications of equilibrium constant. Give examples 

i) Direction ofreaction ii) Extent ofreaction 

Explain the following with reasons. 

The change of volume disturbs the equilibrium position for some of the gaseous 
phase reactions butnot the equilibrium constant. 

The change of temperature disturbs both the equilibrium position and the 
equilibrium constant of a reaction. 

The solubility of glucose in water is increased by increasing the temperature. 


(c) 
Q11(a) What is an ionic product of water? How does this value vary with the change in 
tempera’ 


I Is it true that its value increase 75 times when the temperature of 
i form 0°C to 100°C, 
sification. or the increase of ionic product with temperature? 
prove that at 25°C, legen of water contains 10” moles of HO" 
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(b) | What happens to the acidic and basic properties of aqueous solutions when pH 
varies from zero to 14? 

(c) Is it true that the sum of pK, and pK, is always equal to 14 at all temperatures for 
any acid? Ifnot why? 

Q13(a) What is Lowry-Bronsted idea of acids and bases? Explain conjugate 
acid and bases. 

(b) Acetic acid dissolves in water and gives proton to water, but when 
dissolved in H,SO,, it accepts protons. Discuss the role of acetic acid in 
both cases. 

Q14 Inthe equilibrium 
PCI, (g) = PCI, (g) + Cl, (g) AH=+90kJmol" 

Whatis the effect on:, 

(a) thepositionofequilibrium (b) — equilibriumconstant? if 
i) temperatureisincreased ii) volume ofthe container is decreased 


iii) catalyst is added iv) chlorineis added 

Explain your answer. 

Q1S. Synthesis of ammonia by Haber’s process is an exothermic reaction. 
N,(g) +3H, (g)=2NH, (g) AH=-92.46kJ mol" 


(a) What should be the possible effect of change of temperature at equilibrium stage? 

(b) | How does the change of pressure or volume shift the equilibrium position of this 
reaction ? 

(c)  Whatis the role of the catalyst in this reaction? 

(d) What happens to equilibrium position of this reaction if NH, is removed from the 
reaction vessel from time to time? 

Q16 Sulphuric acid is the king of chemicals. It is produced by the burning of SO, to 
SO, through an exothermic reversible process. 

(a) Write the balanced reversible reaction. 

(b)  Whatis the effect of pressure change on this reaction? 

(c) Reaction is exothermic but still the temperature of 400-500°C ered to 
increase the yield of SO,. Give reasons. 

Q17(a) What are buffer solutions? Why do.we need them in daily life? 

(b)’ |Howdoes the mixture of sodium acetate and acetic acid give us the acidic buffer? 

(c) Explain thata mixture of NH,OH and NH,Cl gives us the basic buffer. 

(d) How do you justify that the greater quantity of CH,COONa in acetic acid 
decreases the dissociating power of acetic acid and so the pH increases. 

(e) Explain the term buffer capacity. 


~ 


Q18 (a) What is the solubility product? Derive the solubility product cmmasatiea for 


sparingly soluble compounds, AgCl, Ag,CrO, and PbCL,. 


(b) | Howdoyoudetermine the solubility product ofa substance: when its solubility i is 


provided in grams/100 gohwatsr’ 
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(c) How do you calculate the solubility of a substance from the value 


of solubility product? 
Q19 XK. value forthe following reaction is 0.016 at 520°C 


2HI(g) =H, (g) +L (g) 
Equilibrium mixture contains [HI] = 0.08 M, [H,] = 0.01M, [I,] = 0.01M. To this 
mixture more HI is added so that its new concentration is 0.096M. What will be 
the concentration of [HI], [H,] and [I,] when equilibrium is re-established. 
(Ans: 0.0926 mole, 0.01168 mole, 0.01168 mole) 
Q20 Theequilibrium constant for the reaction between acetic acid and ethyl alcohol is 
4.0. A mixture of 3moles of acetic acid and one mole of C,H,OH is allowed to 
come to equilibrium. Calculate the amount of ethyl acetate at equilibrium stage in 
number of moles and grams. Also calculate the masses of reactants left behind. 
(Ans: 79.5g,126g,4.6g) 
Q21 Studytheequilibrium 
H,0(g)+CO(g) = H,(g)+C0, (g) 


(a) | Writean expression of K,. 
(b) When1.00 mole ofsteam and 1.00 mole of carbon monoxide are allowed to reach 
equilibrium, 33.3 % of the equilibrium mixture is hydrogen. Calculate the value 


of K,,. State the units of K,. (Ans: 4, K, has no unit) 
Q22 Calculate the pH of . 
(a)  10‘moldm”ofHCl (Ans: 4) 
(b)  10*moldm” ofBa(OH), ; (Ans: 10.3) 
(c) 1.0 mo} dm” of H,X, which is only 50% dissociated. (Ans: zero) 
(d) 1.0 mol dm” of NH,OH which is 1% dissociated. (Ans: 12) 


Q23(a) Benzoic acid, CH,COOH, is a weak mono-basic acid (K.= 6.4 x 10° mol dm’). 
What is the pH of a solution containing 7.2 g of sodium benzoate in one dm’ of 

0.02 mol dm” benzoic acid? (Ans: 4.59) 
(b) A buffer solution has been prepared by mixing 0.2 M CH,COONa and 0.5 M 
CH,COOH in 1 dm’ of solution. Calculate the pH of solution. pK, of acid = 4.74 
at 25°C. How the values of pH will change by adding 0.1 mol of NaOH and 


0.1 mol of HCI separately. (Ans: 4.34, 4.62, 3.96) 
Det The solubility of CaF, in water at 25 °C is found to be 2.05 x 10“ mol dm”. What 
_ isthe value of K,, at this temperature? _ (Ans: 3.446 x 10") 


es Fi pdt nM of Ag,Cr0, is 2. 6x 107 at 25°C. Calculate the solubility of 
the compound. (Ans: 0.1866 mol dm”) 
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Chapter 9 





SOLUTIONS 





Every sample of matter with uniform properties and a fixed composition is called 
a phase. For example, water at room temperature and normal pressure exists as a single 
liquid phase, that is, all the properties of water are uniform throughout this liquid phase. 
If a small amount of sugar is added to this sample of water, the sugar dissolves but the 
sample remains as a single liquid phase. However, the properties and composition of this 
new liquid phase, now the sugar solution, are different from those of pure water. As this 
solution of sugar in water is containing two substances (binary solution), so it is a mixture 
and since its properties are uniform, therefore, it is homogeneous in character. 

A solution, on average, is a homogeneous mixture of two or more kinds of 
different molecular or ionic substances. 


The substance which is present in large ateniaayt ina solution is called solyent and - 


the other component which is in small quantity is called solute. For a given solution, the 
amount of solute dissolved in a unit volume of solution (or a unit. amount of solvent) is 
termed as the concentration of the solution. Solutions containing relatively lower 
concentrations of solutes are called dilute solutions, whereas those containing relatively 
higher concentrations of solutes are called concentrated solutions, 


9.1 CONCENTRATION UNITS OFSOLUTIONS 

There are various types of concentration units of solutions. They are discussed as 
follows: 
9.1.1 Percentagecomposition — 

The amounts of solute and solvent can es ‘expressed i in petcsuiees composition 


by four different ways. jay ot 
a. __ Percentage weight/weight _b. SER escent ‘ilo wl B3 
Ce Percentage volume/weight ‘d, Percentage volume/yolume Ac sek 


cular foe avi 


(a) Percentage weight/ weight 

It is the weight of a solute dissolved per 100 parts by weight of solution. 5% wihw 
sugar solution will contain 5 g of uaa dissolved. in 100 g of abikaea -water. This 
solution contains 95 g of water. sad cd aon 





ee 



















| 
} 
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Mass of solute 





et Margot tohation 
| Example (1): ass of solution 
| Calculate the percentage by weight of NaCl, if2.0 g of NaCl is dissolved in 20 g 
of water. 
: Solution: 
Weight of NaCl =2.0¢g 
Weight ofsolvent =20.0¢g 
Weight ofsolution =20 + 2 = 22g 
% of NaCl by weight - aa x 100 =[9.09%] Answer 
VE 


(b) Percentage Weight/Volume - 

It is the weight of a solute dissolved per 100 parts by volume of solution. 10 g of 
glucose dissolved in 100 cm’ of solution is 10 % w/v solution of glucose. The quantity of 
the solvent is not exactly known. In such solutions, the total volume of the solution is 
under consideration. 


c) Percentage Volume/Weight 

It is the volume ‘of a solute dissolved per 100 g of the solution. If we 
dissolve 10 cm’ of alcohol in water and the total weight of the solution is 100 g, then it is 
10 % v/w solution of alcohol in water. In such type of solutions, we don’t know the total 
volume of the solution. 


(d) Percentage Volume/ Volume 

It is the volume of a solute dissolved per 100 cm’ of the solution. This unit of 
concentration is best applicable to the solutions of liquids in liquids. A 12 % alcohol 
beverage is 12 cm’ of alcohol per 100 cm’ of solution. In such solutions, the total volume 
of the solution may not be necessarily equal to the sum of volumes of solute and the 
solvent. 


9.1.2 Molarity (M) 


Molarity is the number of moles of solute dissolved per dm’ of the solution. To — 


pepe one molar solution of glucose in water, we take 180 g of glucose and add 
‘sufficient water to make thet total volume 1 dm’ (Ilitre) in ameasuring flask. 


#F 


> molar s Ee ae 342 g sucrose is dissolved in water to 


-in 1 mol a sucrose solution is less than that in 1 molar glucose 
a late the volume of the ea we need to know the density of 
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or — Molarity (vy = oe 


Volume of solution dm? 
Examples (2): 


Calculate the molarity of:a solution containine 20.7 g of K,CO, dissolved in. 


500 cm’ of the given solution. 





Solution: 
Mass of K,CO, =20.7g 
Molar mass of K,CO, =138 8 mol" 
volume of solution = 500 cm’ = 0.5dm°> 
Molanty= Moles of solute 1 eel 
Molar mass of solute Voulem of solution in dm 
Molarity = ae Sa : = 0,3 mol dm™ =|0.3 mol dm=*| Answer 


138gmol! 0.5 dm’ 


9.1.3 Molality (m) 

Molality is the number of moles of solute in 1000 g (1 kg) of the solvent. in order 
to prepare molal solutions, we don’t have to take any flask. 180 g of glucose when 
dissolved in 1000 g of water gives one molal solution of glucose. The total mass of the 


solution is 1180 g. We don’t know the volume of the solution. In order to know the - 


volume we need the density of the solution. For one molal sucrose Coes, 342 g of 
sucrose are dissolved in 1000 g of H,O. 


So, one molal solution of different solutes in water have their own masses and — 


volumes. In order to get the molality ofany poluncaas weuse the following equation. 





Molality (m) = Mase ofsolutel : 1 
apace Molar mass of solute Mass of solvent in kg 
Number of moles of solute 

or : A UE 

Pere AC) Mass of solvent in kg 
espe (3): a 

What is the molality ofa solution epi by dissol ving S 

250 g of benzene. Tue wld - tea Garth, mee, 


aes - 
ioe re aa 
gan 


Solateas 


has 


NR IM iy 
wt we ti St 





























= 5! = eee 
a. 







rmireig 


et ee Te 
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Molality (ey “% Mass of solute : 1 
Molar mass of solute Mass of solvent in kg 
Molin | = — 28 : 


ss x ———e 
92gmol' 0.250kg 


daze i piel kg' =|0.217 mol kg~'| Answer 
92 x 0.25 


The molality of a solution is indirect expression of the ratio of the moles of the 
solute to the moles of the solvent. The molal aqueous solution of a solute say glucose or 
NaOH is dilute in comparison to its molar solution. The reason is that in molal solution 
the quantity of the solvent is comparatively greater. 

The value of concentration given in the units of molality does not change with 
temperature but that of molarity does. The reason is that the volume of liquids are 
affected by the variation in temperature. 


9.1.4. Mole Fraction (x) 

This unit of concentration may be for any type, of wabslitee, i.e., gas in gas, liquid 
in liquid or solid in liquid, etc. This unit is also applicable to a solution having more than 
two components. 

The mole fraction of any component in a mixture is the ratio of the number of 
moles of it to the total number of moles ofall the components present. 

Let there be three components A, B, C making a solution. The number of moles 
are N,, Ny, N, respectively. If the mole fraction of A, B and C are denoted by X,, Xs, Xc 
respectively, Then, 

X,= ma 
“ny +ng +¢ 
X,= mB 
n, +My +N 
ae 
n, tng +N 

The sum of the mole fractions of all the components of a solution must be equal to 

one. There are no formal units of mole fraction. Anyhow, we sometimes multiply mole 


fraction by 100 to get mole percent. 
Example (4): 

Calculate the mole fraction and mole percent of each component in a solution 
having 92 g of ethyl alcohol, 96 g of methyl alcohol and 90 g of water. 


Solution: 


First of all get the number of moles of each component. 
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Number of moles of the substance 


Molar mass of ethyl alcohol (C,H,OH) 


Number of moles of ethyl alcohol 


Chemistry-XI 
_ Mass in grams of the substance 
N Molecular mass in grams 
= 46 g mol! 
92g 


et Se oe 
46 g mol! 


Molar mass of methyl alcohol(CH,OH) = 32 g mol™! 


Number of moles of methyl alcohol 


Molar mass of water (HO) 


Number of moles of water 


= = =3 mol 
32 g mol 
= 18g mol! 
90g 


= —-— =5 mol 
18 g mol! 


The mole fraction of any components is ratio of its moles to total numberof moles. 


Z 
X ethyl alcohol 24345 a 
: ees 3 
X methyl alcohol ~ 24345 
x => Ta —_ 
H,0 24345 


= Answer 


% Answer | 


Now, multiply the mole fractions with 100, to get mole percent. 


Mole % of ethyl alcohol 


= 0.2 x 100 = [20] Answer - 


Mole % of methyl alcohol =0.3x 100= Answer 


Mole % of H,O 


=0.5 x 100 = Answer 


In the case of mixture of gases, one can determine the mole fraction from the 


partial pressure data of the mixture. Hence, 


Pa 


v4 es 
“ Pat Pg +P 


X, = ——+—__, 
Pat Pg +P 


x, & UE te 
c 
Pat Pg t+Pc 


Where p,, p, and p, are the partial pressures of various gases in the mixture. 


Generally, we can say that 
Mole fraction of any gas = 


Partial pressure of that gas 


Total pressure of the mixture of gases 


9.1.5. Parts Per Million (ppm) 


It is defined as the number of parts (by weight or volume) of a solute per million 


parts (by weight or volume) of the solution. 


This unit is used for very low concentrations of solutions, e.g. to express the 


impurities of substances in water. 
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Parts per million (ppm) = Mas of soluty,. x 10° 
Mass of solution 
Example (5): 
Sea water has 5.65 x 10° g of dissolved oxygen in one kg of water. Calculate the 
concentration of oxygen in sea water in parts per million 


: 3 
ppm of oxygen in sea water = Achy SUNN Sa e 5.65ppm| Answer 


1000 g 


‘i Se 


9.1.6 Interconversion of Various Concentration Units of Solutions 
Sometimes, we get prepared solutions from the chemical supply houses. For 
example, we are working with a solution whose molarity is given by the supplier, but we 
need to know its molality or w/w percentage. For such purpose, we need to convert one 
unit of concentration into other. These conversions are usually done if we know the 
formula masses and the densities of the solutes or solutions. Following table shows the 
five important chemicals whose w/w %, molarities and densities are given. One should 
be able to interconvert these concentration units into each other and into to molalities and 
mole fractions for laboratory work. Letus do some calculations in this respect. 






Example (6): = Molarity] Density 
wn ) ue )} (gom) 

Calculate the ¢ molality of 8% w/w NaCl 

solution. 4 5% 

Solution: 







Molality is the number of moles of solute kg" of solvent. 
8% w/w NaCl solution means that 8 g of NaCl are dissolved in 100 g of solution 
So, mass of water in the solution= 100 - 8=92 g 


8g f 
ie ah ____ Number of moles of NaCl = 585 gmol? = 0.1367 


Wise BHO aks = 8 = 0092 ke 


| Ttmeans th that ( 0. 1367 moles of NaCl i is dissolved in 0.092 kg of water. 
snes of moles of solute 0.1367 mole. _ 



























Mo lity ‘m) = = 
wid > a ¢ Me ss of solvent in kg 0.092 kg . 
weir y= — 
= esi mol piss Answer 
: DA WeSC wt FH Pee) oa 
gnaeba Bi hutelleyse yitiowe yois 





a UG ates The density of E scl 5 | 
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Solution: 
36% (w/w) HCI solution means that 36g of HCl dissolved in 100g of solution. 
Mass of HCl =36g 
Mass of solution =100g 


In case of molarity, the final volume of solution is 1000 cm’. Convert this volume 
into mass, by using density of 1.19 gem”. 


Mass of 1000 cm™ of HC1 solution = 1000x 1.19 =1190g 








Since, (Mass = volume x density) - 
100g of solution has HCI = 36g 
: 6 
So, mass of HC] in 1190 g of solution Sa = 428.4 g 
Molar mass of HC1 = 36.5 gmol 
F 428.4 g 
Number of moles of HC1 in 428.4 gofHC1 9 = ————— =11.73 
36.5 g mol 
So, 1000 cm’ solution of HC] has 11.73 moles of HC1 
Hence, molarity of HC1 : = {11.73 mol “ihe Answer 





Example (8): 
9.2 molar HCIO, is available in the market. The density of this solution is 1.54 g cm’. 
Whati is the percentage by weight of HCIO,,. 


















Solution: 5 ; 
Molarity of HCIO, mn =9.2g mold” 
Density of solution VR SS S4'g coe GIO haa 
Letus calculate the mass of, solution whichis femianvoltine sod ae 2: 2mol OHO; init. . 
Since, Mass = " =volumex density” 9 ftps 
Mass of1000cm’solution --—”—” =1000em"x 1.54gcm=1540g i 
MolarinassofHClO” | Ye?" =1005pmor = = 2 pit 
9.2 moles of HCIO, can be converted toits mass : SE 
~ Mass ofHCIO, 18 ARTE Se ETO} Sgmol"x9. 2mol=924. ay 6g ner BF 
Mass of H, O=mass sofsolution pa Cs 1540-924. oa leas 
% of HC1O, ‘by weight= , uss OFHCIQ, 9.19pm 2248 100 60.08% 





mass of solution — 


% of H,O by weight =100-mass ofHc104-=100 6008 | 
9.2 TYPES OF SOLUTIONS ©) 0h) il Ng 
Most commonly, ‘we come ore Oss fe oe solute 


carly ya = d/Asainatter o1 
ale ie 


na gpk 
gan aie f 
7 Takis ‘ 2). solute lava ae 
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Table (9.2) Common types and examples of solutions 


State of Solute | State of Solvent 


Gas Air 
Liquid O, in water, CO, in water. 
Solid H, adsorbed by palladium 
Gas Mist, fog, clouds, liquid air pollutants. 


Liquid Alcohol in water, milk, benzene in toluene. 
* Solid Mercury in silver, butter, cheese. 
Liquid Sugar in water, jellies, paints. 
Gas Dust particles in smoke. 
Solid Metal alloys pearls, opals, carbon in iron (steel). 





9.2.1 Solutions of Solids in Liquids 

When a solid comes in contact with a suitable liquid, it dissolves forming a 
solution i.e. a homogeneous mixture. This process of dissolution can be explained in 
terms of attraction between the particles ofa solute and that of a solvent. The molecules 
or ions in solids are arranged in such a regular pattern that the inter-molecular or inter- 
ionic forces are at a maximum. The process of dissolution is to overcome these forces of 
attraction holding together the solute molecules or ions in the crystal lattice, by the 
solute-solvent forces. In molecular crystals, the inter-molecular forces of attraction are 
either dipole-dipole or London dispersion type. These forces are relatively weak and can 
easily be overcome. Hence, non-polar or less polar molecular crystals usually dissolve in 
non-polar solvents like benzene. 

In the crystal lattice, the inter-molecular or inter-ionic forces of attraction 
between highly polar molecules or ions are quite strong, hence the polar solids fail to 
dissolve in nonpolar solvents. These strong electrostatic forces cannot be overcome or 
shattered by the weak solute-solyent attractions. Take the case of cane sugar. Due to 
hydrogen bonding, it has tightly bound molecules, so it will not be dissolved by solvents 
like kerosene oil, petrol, benzene, etc. It will be dissolved readily in water, because water 
attracts sugar ae ali in the same ae as the sugar molecules attract one 
another. 







le vid 


strong pels solve: vents are n needed to dissolve them. Such solids cannot be dissolved by 

moderately ly oe oe » &B.» acetone. A moderately polar solvent, fails to dissolve 

ie era Be ano ionic solid. tusis the ODN principle is that “ like 
eg 





wh? ° 
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during the formation of such solutions. These types of solutions can usually be separated 
by fractional distillation. 


(ii) Partially Miscible Liquids 

A large number of liquids are known which dissolve into one another up to a 
limited extent. For example, ether (C, H, -O — C,H,) dissolves water to the extent of 
about 1.2 % and water dissolves ether up to the extent ofabout 6.5%. 

As the mutual solubilities are limited, the liquids are only partially miscible. On 
shaking equal volumes of water and ether, two layers are formed. Each liquid layer is a 
saturated solution of the other liquid. Such solutions are called conjugate solutions. The 
mutual solubility of these conjugate solutions is affected by temperature changes. 
Typical examples of such systems are: 



































a. Phenol-water system 
b. Triethylamine-water system 
C; Nicotine-water system 


Phenol-Water System (H,O + C,H,OH) 

The example of phenol in water is interesting. If equal volumes of water and 
phenol are mixed together, they show partial miscibility. It has been observed that around 
room temperature, phenol will dissolve in a lot of water giving us the upper layer and 
water will dissolve ina lot of phenol giving us the lower layer. 

At 25°C the upper layer is 5% solution of phenol in water and the lower layer is 
30% water in phenol. These two solution are conjugate solutions to each other. The lower 
layer has a greater density due to greater percentage of phenol. Water acts as a solute.in 
the lower layer while phenol is a solute in the upper layer. When the temperature of 
water-phenol system is increased, the compositions of both layers change. Water starts 
travelling from upper to the lower layer and phenol travels from lower to the upper layer. 
When the temperature of this system approaches 65.9 °C, ahomogeneous mixture of two | 
components is obtained. This homogeneous mixture contains 34% phenol and 66% 
water. The temperature of 65.9 °C at which two conjugate solutions merge into one 
another, is called critical solution temperature or upper consulate temperature. 

Some other partially miscible pairs of liquids have their own consulate 
temperatures with definite compositions. ; x F 

For example, water-aniline system has a single layer at 167.0°C with 15% water. 
Methanol- gE system has consulate temperature of 49.10 4 with 29% 
methanol. 


(iii) _ Liquids Practically Immiscible 
Those Hae which do not | 
immiscible, 
Examples: _ (i) 
(ii) 


sl, into each i n 
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9.3. Idealand Non-Ideal Solutions 


When two or more than two liquid substances are mixed, the solutions may be 
| ideal or non-ideal. To distinguish between such solutions we look at the following 


aspects: 

i, If the forces of interactions between the molecules of different components are 
same as when they were in the pure state, they are ideal solutions, otherwise 
non-ideal. 

il. If the volume of solution is not equal to the sum of the individual volumes of the 
components, the solution is non-ideal. 

iil. Ideal solutions have zero enthalpy change as their heat of solution. 

: IV. If the solutions obey Raoult’s law, then they are ideal. This is one of the best 


criterion for checking the ideality ofa solution. 
Let us first study, the Raoults’s law and then try to understand ideality of 
solutions, the process of fractional distillation and the formation of azeotropes. 


9.3.1 RAOULT’S LAW 
Raoult’s law can be defined in these ways: 

The vapour pressure of a solvent above a solution is equal to the product of the 
vapour pressure of pure solvent and the mole fraction of solvent in solution. 

Mathematically, it can be written in equation form as follows: 

= 0 

Dea-Puxie cme Geom he REP Seah: (1) 

Where p is the vapour pressure of solvent in the solution, p° is the vapour 
pressure of pure solvent and x, is the mole fraction of solvent. 


Wealso known that © 
| x eg 1 (x, is the mole fraction of solute) 
or = 1-x, 
“Putting the value ve 7 A equation (1) 
¥ > en ag °(1-x;) 
or conde. PA ihe p°x, 
; stiles oe wo hs PP sR Be ; 
. or . Ap=p°x, saree (2) 









aT sy sPanation. @), gives another definition Bi Raoult’s law. “The lowering of vapour 
. tly propot ional toll the mole of fraction of solute.” Now rearrange equation (2) 
coe See (3) _ tagurtien 





rich pressure 2 and it is more important than 
t ean ion (3) gives us another definition 1 of 
essure is equal to the mole fraction 


t ety ana io - 
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(i) is independent of the temperature 

(ii) | depends upon the concentration of solute. 

(iii) is constant when equimolecular proportions of different solutes are 

dissolved in the same mass of same solvent. 

Example (9): 

The vapour pressure of water at 30 °C is 28.4 torr Calculate the vapour pressure 
of a solution containing 70g of cane sugar (C,,H,,0,,) in 1000g of water at the same 
temperature. Also calculate the lowering of vapour Presse 

























Solution: 
Mass of cane sugar dissolved = 708 
Molar mass of cane sugar = 342g mol’ 
Number of moles of a compound oe 
molar mass 
= Us =0.20 
Number of moles of sugar, C,,H,,0,,(n,) = 342 gmol™ oe 
Mass of H,O in solution . = 1000 g 
Number of moles of water H,O (n,) pee =55. 49 
a. 18.02 g mol’ 
Total number of moles = 0.20 + 55.49 =55. 69 . 
; er my —-_02__ 9936 | 
Mole fraction of sugar, C,,H,,0,, (x2) aaa 55.69 | 
nie - 55.49 
Mole fraction of water, H,0 —(x,) he i i 7h 55.69 0. 9968 ga 
hil see 
Vapour pressure of pure water . = 28.4 torr pean eared | 
Applying the formula for vapour pressure ofsolution —_ aot Peay HI : 
p = px, = (28.4) (0. 9964) =28. 29 tor mk | 
So, vapour pressure of solution a [28:29 tore] Answer aie! ah a 
Lowering of vapour pressure, AP  =28.4- 28. 8.29 = [0.11 torr] pos 
9.3.1 Raoult’s Law (when both eee, volatile) erat ; 
Raoult’s law can be applied to unders al and cp ron onst 


fractions of two volatile ‘components: and 
solution and after making the solution. Cons 
saben a ah 
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Applying Raoult’s law to both components 
Pa = PaXa 
Pa = PpXs 
P, = p,t+ps, = PrX,+PpXp_ (where P, is total vapour pressure) 
since x,+ x,=1 : 
=A 
; , P, = PaXa+Pa(1 -X,) 
P, = PaXa +Pe- Pa X, 
Dae (DGD) AADat ME weseseerenne (4) 

The component A is low boiling liquid and B is high boiling liquid. The vapour 
pressure of A is more than B ata given temperature. 

Equation (4) is a equation of 
straight line. If a graph is plotted between 
x, or mole % of B on x-axis and P, on y-axis, 
astraight line will be obtained, Fig (9.1). 

Only those pairs of liquids give 
straight lines which form ideal solutions. 
So, Raoult’s law is one of the best criterion 
to judge whether a solution is ideal or not. 

All the possible solutions of two 





f . B= 0.0 10 20 30 40 50 60 70 80 
components A and B have their vapour |,-100.090 80 70 60 50 40 30 20 10 00 <, 


pressures on the straight line connecting p°, Composition (mole%) ——»> 
with p%,. All such solutions will be ideal. 








Fig. (9.1) Graph between composition 


Each point on this straight line represents mailicaneerinrsssare 
| the vapour pressure ofa solution, at a given 
; ; temperature, with the corresponding 
i _ contribution of both the components A and B. 
: a. + The two dotted lines represent the partial pressures of the individual components 


ee 3 = of; ‘solution. They show the increase of vapour pressure of a component with increase in 
ee its mole fraction in solution. 
Inorderto explain i it, consider a point G on the straight line. This point represents 
th he vapour Pressure of solution with 30% moles contribution of the component B and 
of component A. Since, A is more volatile component, so its contribution towards 
re O sealing} is represented by p,. The contribution of the less volatile 
by p,, Similarly, we can calculate the relative contributions 
eats solution by taking other points along the 

















. Deseret to the point G willbe 
ual | val eelieieaten 
pill arte oa | 
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9.4 VAPOUR PRESSURES OF LIQUID -LIQUID SOLUTIONS 


Binary mixtures of miscible liquids may be classified as (i) ideal (ii) non-ideal or 
real solutions. 

The vapour pressures of solutions provides a simple picture about their 
behaviour. Let us discuss the vapour pressures of ideal and real solutions one by one. 



























(i) Ideal solutions 

An ideal solution is that which obeys Raoult’s law. Some typical ideal solutions 
forming liquid pairs are: benzene-toluene, benzene-ether, chlorobenzene- 
bromobenzene, ethy! iodide-ethy] bromide, etc. 


Fractional Distillation of Ideal Mixture of Two Liquids 

Let us have two liquids A and B which form a completely miscible solution. Ais a 
more volatile component so its boiling point is less than B. If we have various solutions 
of these two components and a graph is plotted between compositions on x-axis and 
temperature on y-axis, then two curves are obtained as shown in the Fig. (9.2). The upper 
Curve represents the composition of the vapours 
of different solutions while the lower curve = 
represents the composition of the liquid | 
mixtures. The reason is that at any temperature 
the composition of vapours is different from the 
composition of liquid mixture. 

Consider the temperature corresponding | 
to the point G. It is the boiling point of solution — - 
corresponding to composition I. It meets liquid #8 @-2) ofan deal Seton says 
Curve at point H and the vapour curve at the point 
C. The composition of liquid mixture corresponding to the point H is shown by the point 
I. At point I, the mixture has greater percentage of B and less percentage of A. While at 
the same temperature the vapours of the mixture have the composition K. At point K, the : 
percentage of A is comparatively greater than B when we compare 1 it with composition of 
liquid mixture corresponding to point I. Because Ai isa low Rolling | liquid, it is present in 
the vapour state in greater percentage than at Pott. 

ve the eameeiente: the ie is maintained communal to Hine G, ne cot 
distillate will have greater percentage ofAand th ue will hay a 
B. The reason is that the fraction going to distilla at which. 
has greater % of A. The distillate of composition Kis sgunubjeied dt 
boiling pointis X, and at this temperature the distillate of con : 
distillate of composition Zis 35 furs oo In this w: 
- —— 263) No — 
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. 

| and more rich in A and residue is more and more rich in B. So, process of distillation is 

| repeated again and again to get the pure component A. Thus we can completely separate 

the components by fractional distillation. Such liquid mixtures, which distil with a 
change in composition, are called zeotropic mixtures. For example, methyl alcohol- 

| water solution can be separated into pure components by distillation. 


SS 


ii. Non-Ideal! Solutions (azeotropic mixtures) 

Many solutions do not behave ideally. They show deviations from Raoult’s Law 
due to differences in their molecular structures, i.e., size, shape and intermolecular 
forces. Formation of such solutions is accompanied by changes in volume and enthalpy. 
The vapour pressure deviations may be positive or negative in such solutions. 

Azeotropic mixtures are those which boil at constant temperature and distil over 
without change in composition at any temperature like a pure chemical compound. Such 
mixtures can not be regarded as chemical compounds as changing the total pressure 
alongwith the boiling point changes their composition. Whereas, for a chemical 
compound, the composition remains constant over a range of temperature and pressure. 

The deviations of solutions are of two types: 

(a) _ Positive deviations 

(b) Negative deviations 


(a) Positive Deviations 

If a graph is plotted between composition and 
vapour pressure of a solution which shows positive 
deviation from Raoult’s law, the total vapour pressure 
curve rises to a maximum. The vapour pressure of 
some of solutions are above the vapour pressure of 
eitherofthe pure components. 

Let us consider the mixture of A and B, A= i000 Sonpostion 


0.0=A 


components at point C in Fig (9.3 ). At the point C, 0.0 100.0 =B 
P| Fig (9.3 ), the mixture has the highest vapour pressure 
atheros tower ling point Ondine, TES) 














iene will be a deviation 

i -, azeotropic mixture having a fixed composition 

f point For this type of solution, it is not possible to bring 

ie ynents by fractional distillation. Ethanol-water 
e, It boils at78.1°C with 4. 5% water and 95.5 % alcohol. 

P gpoint ofethanol (78. 5°C) and water(100°C). 


at ey : 
i Pcre ova. le yet , aad and 
n, the vapo po wy curve shows a minimum. Let us 
ae ee Vo dleenenm relied 
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(alae Satie ata Its 
consider a point E in Fig (9.3). Here, the more volatile component A is in excess. On 
distilling this solution, the vapours will contain more of A and the remaining mixture 
becomes richer in less volatile component B, Finally, we reach the point D where vapour 
pressure is minimum and the boiling point is maximum. At this point, the mixture will 
distill over unchanged in composition. 


Therefore, it is not possible to separate this type of solution completely into its 
components. We can give the example of hydrochloric acid solution in water for this type 
of solutions. HCl forms an azeotropic mixture with water, boiling at 110°C containing 
20.24% of the acid. : 


9.5 SOLUBILITYAND SOLUBILITY CURVES 

* Whenever a solid solute is put in a liquid solvent, the molecules or ions break 
away from the surface of the solid and pass into the solvent. These particles of solid are 
free to diffuse throughout the solvent to give a uniform solution. The solute and solvent 
molecules are constantly moving about in the solution phase because of kinetic energy | 
possessed by them. In this way, some of the particles of the solute may come back | 
towards the solid due to collisions. These molecules or ions are entangled in tts crystal 
lattice and get deposited on it. This is called recrystallization or precipitation.If excess of 
solid is present in the solution then the rate of dissolution and rate of crystallization 
become equal. This is a state of dynamic equilibrium. 


The concentration of the solute at equilibrium with the solution is constant for a 
particular solvent and ata fixed temperature. The solution thus obtained is called 
saturated solution of the solid substance and the concentration of this solution i is termed 
as its solubility, 


So the solubility is defined as the concentration of the solute in the solution when 
it is in equilibrium with the solid substance at a particular temperature. Solubility i is 
expressed in terms of number of grams of solute in 100 g of solvent. At a particular 
temperature of 0°C, saturated solution of NaCl in water at 0°C contains 37.5 g of NaClin 
100 g of water. Similarly, the solubility of CuSO, in water at0 °C is 14.3 2/100, while at 
100°C itis 75.4g/100g. cA id § et ee 

he ay a 
is 
Prepared at a constant temperature. Then this solution: is ie Aknown\ 1vol | x 
solution is evaporated i ina china dish and fromt the casei ofthe reid the the ability ¢ . 
aye pitot ma aly r aie wee ae 


be calculated. i. 
Seibert an ate ool er ii Ce 
atti he ree a 2 ce 


Solubility Curves : 
spices iene tonth 

representation between tempera atu ge i 

pci UrVes. 


- | 














To determine the solubility of substance, a aheated ‘solution ¢ of a 
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(a) Continuous solubility curves 
(b) Discontinuous solubility curves 


(a) Continuous Solubility Curves 

Continuous solubility curves don’t show sharp breaks anywhere. According to 
Fig (9.4). KCIO,, K,Cr,O,, Pb(NO,), and CaCl, are showing continuous solubility 
curves. The solubility curves of KCI, NaCl and NaNO, give the straight lines NaCl shows 


Ng / Le 


avery small change ofsolubility from0°C to 100 
°C increase of temperature. 

' Ce,(SO,), shows the exceptional behaviour 
whose solubility decreases with the increase in 
temperature and becomes constant from 40°C 

’ onwards. Anyhow, it shows continuous solubility 
curve. 


y 


(b) Discontinuous Solubility Curves 

Sometimes, the solubility curves show | 
sudden changes of solubilities and these curves are 
called discontinuous solubility curves. The best 
examples in this reference are Na,SO,-10H,O, 
CaCl,-6H,O. Actually, these curves are 
combination of two or more solubility curves. At 
the break a new solid phase appears and another 
solubility curve of that new phase begins, It is the 
number of molecules of water crystallization 
which changes and hence solubility changes, 
Fig (9.5). 


9.5.2 Fractional Crystallisation 
The curves in Fig (9.4) show that the 5, (9.5) piscontinuous solubility curves 
variation in solubility with temperature is 
different for different substances. For example, the change in solubility in case of KNO, 
is very rapid with changing temperature, while such a change is more gradual in other 
cases like KBr, KCl, alanine, etc. These differences in the behaviour of compounds 
provide the basis for fractional crystallisation, which is a technique for the separation of 
impurities from the chemical products. 
___ By using the method, the impure solute is ausoneDs in a hot solvent in which the 
i desired solute is less'soluble than impurities. As the hot solution is cooled, the desired 
Beate ae ie leas Ob, pepatates out first from the mixture, leaving 


vais 
He 
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impurities behind. In this way, pure desired product crystallizes out from the solution. 


9.6 COLLIGATIVE PROPERTIES OF SOLUTIONS 

The colligative properties are the properties of solution that depend on the 
number of solute and solvent molecules or ions. Following are colligative properties of 
dilute solution. 

(i) Lowering of vapour pressure 

(ii) Elevation of boiling point 

(iii) | Depression of freezing point 

(iv) | Osmotic pressure 

The practical applications of colligative properties are numerous. The study of 
colligative properties has provided us with methods of molecular mass determination 
and has also contributed to the development of solution theory. 


9.6.1 Why Some of the Properties are Called Colligative 

The reason for these properties to be called colligative can be explained by 
considering three solutions. Let us take 6 g of urea, 18 g of glucose and 34.2 g of sucrose 
and dissolve them separately in 1 kg of H,O. This will produce 0.1 molal solution of each 
substance. Pure H,O has certain value of vapour pressure at a given temperature. In these 
three solutions, the vapour pressures will be lowered. The reason is that the molecules of 
a solute present upon the surface of a solution decrease the evaporating capability. 
Apparently, it seems that sucrose solution should show the maximum lowering of vapour 
Pressure while urea should have the minimum lowering of vapour pressure. The reality is 
that the lowering of vapour pressure in all these solutions will be same at a given 
temperature. Actually, the number of particles of the solute in all the solutions is equal. 
We have added 1/10" of Avogadro’s number of particles (6.02 x 10”), The lowering of 
vapour pressure depends upon the.number of solute particles and not upon their molar 
mass and structures. It should be kept in mind that these three solutes are nonvolatile and 
non-electrolyte. 

The boiling points of these solutions are higher than that of pure, solvent. It is 
observed that the boiling point elevation of these three solutions is 0.052 °C. Similarly, 
freezing points will be depressed for these solutions and the value of depression i in these 
three cases is 0.186 °C. The reason again is that the elevation of boiling point and the 
depression of freezing point depend upon number of particles of solute. , 

Now, let us deduce the values of elevation of the boiling point and the depression 
of the freezing point of water for 1 molal solutions, Forthat purpose, try to dissolve 60 g 
of urea. 180 g of glucose and 342 g of sugar separately in 1 kg of water. If, it is possible 
then the elevation of boiling point and depression of freezing point of water will be 
0.52°C and 1.86°C, respectively, All the three solutions will boil at 100.52 °C iy fiters 
at -1.86 °C. These values of elevation of boiling pointand depression, of freezing] point 


molal boing Point constants and molal fr ig point esi SHO: sdenoted by by aa 
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respectively. These are also named as ebullioscopic and cryoscopic constants, respectively. 
These constants depend upon the nature of solvent and not upon the nature of solute. 
Following Table (9.3) gives the values of K, and K, for some common solvents. 


Table (9.3) K, and K, values for some solvents 


[se [arte [Rem | FAPE_[ ACER 


eee 


Acetic acid 
Ethanol 
Benzene 





To observe the colligative properties, following condition should be fulfilled by 
the solutions. 

(i) Solution should be dilute 

(ii) Solute should be non-volatile 

(iii) Solute should be non-electrolyte. 

Now, let us discuss these colligative properties one by one. (We will not discuss 
osmotic pressure here). 


9.6.2 Lowering of Vapour Pressure 

The particles can escape from all over the surface of a pure solvent Fig (9.6a). 
When the solvent is containing dissolved non-volatile non-electrolyte solute particles, 
the escaping tendency of solvent particles from the surface of the solution decreases and 
its vapour pressure is lowered Fig (9.6 2 


a a ge in « SS 





- © Solvent particle 
se Solute parte ; 


yte s eee inetusle dase of solute ; 

BP ie oe ti) Se 
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Ifn, and n, are the number of moles ofa solute and solvent respectively, then 





x, = ma 
n, +n, | 
ae | 
So, pon, +n, ' 
Fora dilute solution, n, can be ignored in denominator ; tee | 
: Ap _ n, 
Hence, prs . 
P ny 


The number of moles of solute and solvent are obtained by dividing their masses: 
in grams with their respective relative molecular masses. If W, and W, are the masses of 
solvent and solute while M, and M, are their relative molecular masses receptively, then 























eee and n,=— 
M, 2 ATi 
; ) Goes aie | 
p _-M, : : : 
Tar ons Ly Sh yevta? crpter Fe. i 
Pp Ww. . ‘y Pred ovel a tt : i 
M, (pits ue ‘ ued rote j 
4 — 2 ; ete - 1 
2p wi, 82 Wie \Wulsecte-e As vue B10" WA SvaeS J 
P M, M, ; Ci er Cent ee ches ete 
or M — pose M heared mor ever yng ith 7 
2 at Ap W, ; yas pays pee Pan hope . 


fo 


The molecular mass (M,) of a non-volatile solute can be 

equation (6). syiuncydt eh Beli ‘a? 

| Example 10: veh: Avalide? Mit 
: Pure benzene has a vapour ike of £122.0 torr at 32 

Volatile solute were dissolved in 300 g of benzene, a vapo 


observed. Calculate the molecular mass of the sofute i 
being 78.1. =n atte wialine Ho hae 
Ws tte , line i bitte Ms 
Selation nkuloe weal a 


~ _ Letthe molecular mass of the so be ‘ae Laden 


ated trom the 


Fd 







t 


_.. eee 


posed as 


i Mass s of solute dissolved (W.) ihe 








_at high temperature the vapour pressure 


_ 122.0 | 20x 78.1 _ 


a 1220 300 
9.6.3 Elevation of Boiling Point 


| 
| CHEMICAL EQUILIBRIUM Chemistry-X1 
| Ap _ W, _ W 
Formula applied —=—i=—1 
| | pM, M, 
‘ ; 
Mae = W,M, 
| Ap W, 
Putting the values 


17.6 g mol'| Answer 


The presence of a non-volatile non-electrolyte solute in the solution decreases 
the vapour pressure of the solvent. Greater, the concentration of solute, greater will be the 


solution state boils is increased. 

In order to understand it, determine the 
vapour pressures of a solvent at various 
temperatures. Plot a graph between 
temperatures on x-axis and vapour pressures on 
y-axis. A rising curve is obtained with the 
increase of temperature. The slope of the curve 
at high temperature is greater, which shows that 


increases more rapidly. Temperature T, on the 
curve AB which is for the pure solvent, 
corresponds to the boiling point of the solvent. 
The solvent boils when its vapour pressure. 
becomes equal to the external pressure 


ep sented by p° 


- lowering of vapour pressure. Therefore, the temperature at which a solvent in the 





Fig (9.7) Elevation of boiling 
temperature curve 


When the solute is added in the solvent and vapour pressures are plotted vs 
temperatures, then acurve CD is obtained. This curve is lower than the curve AB because 





vapour Pressures, of solution are less than those of pure solvent. Solution will boil at 
high : T, eee its pressure to p°. The difference of two boiling points 





iling point AT, 
Ice entration of solute, the greater will be the lowering in vapour 





a will be its boiling Bair So, elevation of boiling 


oa point constant. 


solute determines the elevation of 
anaes of H,O or 18 g of glucose 


have sz same elevation of boiling points, / 
£3 sar Fin scien Witte = 





ee 


i,e., 0.1 °C, which is 1/5" of 0.52 °C. We say that AT, (notT) is acolligative property. 
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We know that Moles of solute 1 __ 
Molality (m) =$ —————————— > . 
Molar mass of solute Mass of solvent in kg 
or m) = We, se beh (9) 
M, W,/1000 M, W, z 
‘Putting the value of m from equation (9) into equation (6). —_- = 
AT, =k, OO, ee (10) Lk 
2 1 : ; | 
Rearranging equation (10) Mi: E “wh 
Molecular mass (M,) = Key 2 10000 (11) 
AT, W, 


b 1 ; hs ; 
Equation (11) can be used to determine the molar mass of a non-volatile and non- 
electrolyte solute in a volatile solvent. | 
























9.6.4 Measurement of Boiling Point Elevation: Landsberger’s Method ) 
This is one of the best methods for the measurement of boiling point elevation of j 
asolution. The apparatus consists of four major parts. | 


’ 7 : 

(a) _ Aninner tube with a hole in its side. This tube is graduated. : | 
(b) A boiling flask which sends the solvent vapours into the graduated tube 

through a rosehead. : 
(c)  Anouter tube, which receives hot solvent vapours coming from the side 

hole of the inner tube: : j 
(d) A thermometer which can read 

up to 0.01K. 


The solvent is placed in the inner tube. 
Some solvent is also taken ina separate flask and 
its vapours are sent into this tube. These vapours 
cause the solvent in the tube to boil by its latent 
heat of condensation. This temperature is noted _ 
whichis the boiling point of the pure solvent. 
_ The supply of the vapours is temporarily e. 
cut off and a weighed pellet of the solute is mee Ls 
dropped in the inner tube. The vapours of the 
Solvent are again passed through it until the clan nis boilec 
noted, Fig e 8). ‘ 





. |. | 
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= | Re (11) 
= | AT, W, 
BB Example 11: A 
2 The boiling point of water is 99.725 °C. To a sample of 600 g of water are added 24.0 g of 
a solute having molecular mass of 58 g mol”, to forma solution. Calculate the boiling point of the 
ey _ Solution. 
. Solution 
Boiling point of pure H,O =99.725°C 
Mass of solvent (H,O) W, =600 g 
; Mass of solute (W,) =24.00g 
Molar mass of solute (M,) =58 gmol' 
‘ The molal boiling point constant of H,O (K,) =0.52°C 
AT =K, x 000% 
W, xM, 
EN 0.52 x 1000 x 24.00 ~0.358°C 
600 x 58 


Boiling point of solution = boiling of pure solvent + elevation of boiling point 


= 99.725 + 0.358 =|100.083 °C| Answer 


9.6.5 Depression of the Freezing Point of a Solvent by a Solute 
The freezing point of a substance is the temperature at which the solid and liquid 
phases of the substance co-exist. Freezing point is also defined as that temperature at 
which its solid and liquid phases have the same vapour pressures. When a non-volatile 
- solute is added to a solvent, its vapour pressure is 
‘ decreased. . the: g point, there are two 
‘thir n the’ heed: Lie, liquid solution and the 


J ry Ls 


3 - olution will freeze at that 







olvent are same. It 


: fion should | freeze, at lower 










) Fig 0.9) Depression of et 
freezing point curve 
T, corresponding to the point B when 


ete: 


ortion of the: curve BC is for the solid 
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The curve DEC for the solution will meet the curve BC at the point E. This is the 
freezing point of solution T, and corresponds to the vapour pressure p which is lower than 
p°. The reason is that vapour pressure of solution is less than the pure solvent. 

Depression of freezing point = freezing point of pure solvent - freezing point of 
solution. ' 

~ So, AT,=T,-T, 3 

This depression in freezing point AT, is related to the molality (m) of the solution. 
The relationship is similar to that of elevation of the boiling point. 

AT, < m 7 
AT, = "Kym enecae (12) 

K, is called the molal freezing point constant or the cryoscopic constant and m is 
the molality of the solution. To get the final expression, let us put the following 
expression (9) of molality into the equation (12), i.e. 








i lOO (9) 
We get M,x Ww 
1000 W, 2 
=K Xe (13) 
AT, =K;, x M, xW, 


Where W,= mass of solute and M,= molar mass of the solute, W= = mass of solvent in kg 

Rearranging equation (13) 

1000 W, . a4 
Molar mass of solute (M,) = an aa Woah " (14) 

9.6.6 Measurement of Freezing Point t Depression 
Beckmann’s Freezing PointApparatus: 

There are many methods but Beckmann’s method is easy to perform, — 
The apparatus consists of three majorparts,Fig(9.10), 9 

a. A freezing tube with a side arm. It contains 
solvent or solution and is fitted with a stirrer 
and a Beckmann’s thermometer. 

b. _ An outer larger tube into which the freezing 
tube is adjusted. The air jacket in between these 
tubes help to achieve a slower and more 
uniform rate of cooling. — 

c. _A large jar containing a free: “ing 

ren Around 20 to 25g of the solyent 
freezing ___ freezing tube. The bulb of the 


mae in the a0 nt. 














approximate freezing point of the solvent is measured by directly cooling the 
freezing point tube in the freezing mixture. 

The freezing tube is then put in the air jacket and cooled slowly. In this way, 
accurate freezing point of the solvent is determined. Now, ‘the solvent is re-melted by 
removing the tube from the bath and weighed amount of 0.2 to 0.3 g of the solute is 

introduced in the side tube. The freezing point of the solution is determined while stirring 
the solution. The difference of the two freezing points gives the value of AT, and the 
following formula is used to calculate the molar mass of solute. 
_ K, 1000W, 
B mwe® oo" 
: Example 12: 

The freezing point of pure camphor is 178.4 °C. Find the freezing point of a 
solution containing 2.0 g of a non-volatile compound, having molecular mass 140, in 
40 g of camphor. The molal freezing point constant of camphor is 37.7 °C kg mol". 
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Solution: 
Freezing point of camphor =178.4°C 
Mass of solute (W,) =2.00¢ 
Mass of solvent (W,) =40¢ 
Molar mass of solute (M,) =140g 
Molal freezing point constant of solvent =37.7°Ckgmol". 
Freezing point of solution a =? 
Applying the equation 
ag Seen 1000W, 


: “W, xM, 
| We have to calculate, the freezing point of solution, so first we get the depression 
in freezig point AT, then subtract i it from freezing point of pure solvent. 

33.7 x 1000 x 2 


+O oc Li Dee m1 3146°C 
| 40 x 140 


i aay of solution = Hh PaO 164.94 °C] Answer 











lecular ‘mass determination, the presence of a solute increases 
ion be by raisin g the boiling point and lowering the freezing 
ation of this is phenomenon is the use of an antifreeze in 

ene glycol, which is not only completely 

sha’ non-volatile i in character. 
we Il.as ; raises the ene pole 


— 
- 








CHEMICAL EQUILIBRIUM Chemistry-XI 


During winter it protects a car by preventing the liquid in the radiator from freezing, as 

water alone, if it were used instead. In hot summer, the an ere solution also Broees 

the radiator from boiling over. | 
Another, common application is the use of NaCl or KNO, to lower the me (Gi 

point of ice. One can prepare a freezing mixture for use in an ice cream machine. 


9.7 ENERGETICS OF SOLUTION 
Ina solution, the distances between solute and solvent molecules or ions increase | 
somewhat as compared with their pure states. This increase in the distance of solvent 
molecules requires energy to overcome the cohesive intermolecular forces. Hence, itis 
an endothermic process. Similarly, the separation of solute molecules also needs energy . 
SO it is also an endothermic process. The intermixing of solute with solvent molecules is 
to establish new intermolecular forces between unlike molecules, It releases energy and 
thus is an exothermic phenomenon. The strengths of the two type of forces will decide - 
whether the process of dissolution will be endothermic or exothermic, : 
Thus, the process of dissolution occurs with either an absorption or release of 
energy. This is due to breakage and re-establishment of intermolecular forces of © j 
attraction between solute and solvent molecules. | 
t) 
. 


When potassium nitrate is dissolved in water, the temperature of the solution 
decreases, It shows it to be an endothermic process. The solution of lithium chloride in ra 
water produces heat, showing that the process of dissolution is exothermic. The quantity 
of heat energy, that is absorbed or released when a substance forms solution, i is termed a: 
heat of solution. =, 

So, the enthalpy or heat of solution of a substance is defined as the heat c hi 
when one mole of the substance is dissolved ina specified number of moles 0 
given temperature. It is given the symbol AH,,,, . The AH,,,, gives the dif 
the energy possessed by the solution after its formation and the original en 
components before their mixing, i.e. ean 






















AH on = Fscsetion =H ecenal A 
Here, H,,,, is the energy content of solution after its 

formation, while Homes Tepresents the energy contents of — 
components before their mixing. However, both these factors — 
can not actually be measured, only their difference, ie., the 
change AH,,,, is practically measurable. If the value ¢ 
negative, it would mean that the solution is having 
than the components from which it was made 
dissolution process is an exothermic one. 
hand, an endothermic ees would hat 


AH,,, Value. In ae 
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solution of different ionic solids in water at infinite dilution. 
The magnitude of heat of solution gives information regarding the strength of 
intermolecular forces of attraction between components which mix to forma solution. 
When one mole of sodium chloride (58.5 g) is dissolved in 10 moles of water 
(180 g), then 2.008 kJ ofenergy is absorbed. 
NaC1+ 10 H,O > NaCI (10H,O) AH = + 2.008 kJ. 
9.7.1 Hydration Energy of ions 


Aree : sre ; Table (9.5) Hydration 
When an ionic compound, say potassium iodide is energies 
dissolved in water, the first step, is the separation of K’ and I ions ironman pes 


from solid. In the second step, these separated ions are ton | on mote) 
surrounded by solvent molecules. The first step breaks the lattice - 

to separate the ions. Since, energy is required to accomplish this 
step, so this step is endothermic. The amount of energy needed to 
separate a crystalline compound into isolated ions (or atoms) is 
known as lattice energy. The lattice energy of ionic solids is 
always higher than molecular solids. 

In the second step, the ions are brought into water and get 
hydrated (solvated) Fig (9.11). A hydrated ion is attracted by the 
solvent dipoles and energy is released, so this step is exothermic. 
The energy given out-by this step is known as the hydration 
energy (or solvation energy). 


= K++ +xH,0 > K*(aq)+ (aq) 
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The final equation will be as follows: 

KI(s) +x H,O— K' (aq) +I (aq) 

The values of hydration energies of individual ions, i.e. cations and anions are given 
in Table (9.5). It is interesting to compare these values with the ionic radii of the ions. Greater 
the size of monovalent cation, lesser is the heat of hydration. Divalent and trivalent cations 
have higher values due to high charge densities, Anions also show a definite trend of heat of 
hydration, depending upon their sizes. 

On diluting a concentrated solution, there is a further heat change. This heat change 
depends on the amount of water used for dilution. The heat of dilution gradually decreases, so 
that eventually increasing the dilution produces no further heat change. This occurs when 
there are 800-1000 moles of water to one mole of solute. This stage is a infinite dilution 
and the heat of solution is expressed as: 


NaCl (s) + H,O —> NaCl(aq)=Na’ (aq) +CI(aq) AH,,,= + 4.98 kJ mol 


98 HYDRATION AND HYDROLYSIS 
9.3.1 Hydration 

When ionic compounds are dissolved in water, they are dissociated into ions. 
Negative ions are surrounded by water molecules. The partial positively charged hydrogen 
atoms of water surround and attract the anions: with electrostatic forces of attraction. 
Similarly, positive ions of solute create attractions with partial negative oxygen atoms of 
water molecules. In this way, all the ions in the aqueous solution are hydrated. 

The process in which water molecules surround ant interact with solute ions or 
molecules is called hydration. 

The ions, which are surrounded by water ER are called hydrated ions. The 
number of water molecules, which surround a given ion depends upon the size of the ions 
and the magnitude of its charge (charge/area). If the size of the ion is small and i is highly 
charged positive ion, it has high charge density. Hence, greater number of water molecules 
will surround it. Negatively charged ions have low charge density, and have ; smaller n 
of water molecules surrounding them. Hence, the ion with high charge density has a greater 


- 


ability to attract polar water molecules than ions with smaller charge density.» | 
.- Tee Eee 
9.8.2 Hydrates ou. 

The crystalline substances, which contain chemi emically com nes 
Proportions is called a hydrate. Hydrates are mostly, produced when 
soluble salt is evaporated. The formation of hydrates is — to 
with acids, bases and elements. She 

The water molecules are attached 1 with cations 
CuS04.5H,0, four water molecules, are attach es ie 
that Cu" pas a greater charge densi ae ze of Cu IS 0 
mount of charge. = adie aie lt 

a 


ee 7 —2i- 
7 oe 
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Water of Crystallization 

Those water molecules, which combine with substances as they are crystallized from 
aqueous solutions, are called water of crystallization or water of hydration. Some familiar 
examples are as follows: 
(COOH), 2H,0 (oxalic acid), BaCl,- 2H,O, Na,CO,- 10H,O, MgCl, 6H,O, Na,B,O,- 10H,O 
(borax), CaSO,°2H,O (gypsum), MgSO,; 7H,O (epsom salt) and AICI, 6H,O. 


9.8.3 Hydrolysis 

When NaCl is dissolved in water, the resulting solution is neutral, i.e., 
the concentration of each of H’ and OH ions is equal to 10” M, as in pure water. But this 
balance between H’ and OH ions can be disturbed with resulting change in the pH of 
solution when other salts are dissolved in water. 

It is commonly observed that different salts, upon dissolving in water do not always 
form neutral solutions. For example, NH,Cl, AICI,, CuSO, give acidic solutions in water. On 
the other hand, Na,CO, and CH,COONa form basic solutions in water. These interactions 
between salts and water are called hydrolytic reactions and the phenomenon is known as 
hydrolysis. It involves the reactions of the ions of different salts to give acidic or basic 
solutions. It is the decomposition of compounds with water, in which water itself is 
decomposed. The hydrolysis of the salts mentioned above are shown as follows: 


NH,Cl + HO = NH,OH+H'+Cr 

AICI,+3H,O = Al(OH),+3H'+3Cr 

CuSO,+2H,O= Cu(OH),+2H'+SO,~ 

These hydrolytic reactions, produce weak bases Al(OH),, NH,OH and Cu(OH),. 
But, CI and SO,” are weak conjugate bases of HCI and H,SO,,. They are not hydrolysed in 
water. H’ ions remain free in solution and so their solution are acidic in character. 

The K, values of HCI and H,SO, are very high as compared to K, values of Al(OH),, 
NH,OH and Cu(OH),. 

For CH,COONa the reaction with water is: 

CH,COONa + H,O = CH,COOH + Na’ (aq) + OH (aq) 

The acetate ion is hydrolyzed in water to give CH,COOH and OH becomes free. Na’ 
is not hydrolysed. The result is that the solution becomes basic in nature. Similarly, Na,PO,, 
Na,AsO, , etc., give basic solutions in water due to the formation of a Na’ , OH’ and weak 
acids H,PO, and H,AsO, which are least dissociated. 

The dissolution of KCl, Na,SO,; KBr, etc., in water give neutral solutions. Because 
these salts are not hydrolysed i in water. Their positive ions K’, Na are not hydrolysed by 
* 2 Simi 








a eR 


yf ie geste by water. 
A , the salts derived from Bos acids and weak bases may not give neutral 
ns and pK, vi glues of acid and base produced. 





CHEMICAL EQUILIBRIUM Chemistry-XI 
a OR er a 


KEY POINTS 

l. A solution, on average, is a homogeneous mixture of two or more kinds of 
different molecular or ionic substances. The substance, which is present in a large 
quantity is called a solvent and the other in small quantity is, called a 
solute. 

2. . Solutions containing relatively lower concentrations of solute are called 
dilute solutions, whereas those containing relatively higher concentrations of 
solutes are called concentrated solutions. Solubility is the concentration of a solute 
in a solution, when the solution is at equilibrium with the solute at a particular 
temperature. 

3. The concentration of a solution may be expressed in a number of ways. 
i) percentage composition, ii) molarity, iii) molality, iv) mole fraction, 
V) parts per million. . 

4. Solutions may be ideal or non-ideal. Those solutions, which obey Raoult’s law are 
ideal solutions. Raoult’s law tells us that the lowering of vapour pressure ofa solvent 
by a solute, at a constant temperature, is directly proportional to the concentration of 
solute. 3 : 

5. Many solutions do not behave ideally, as they show deviations from Raoult’s 
law. A solution may show positive or negative deviation from Raoult’s law. 
Such liquid mixtures, which distill without change in composition, are called 
azeotropic mixtures. 

6. Colligative properties of a solution are those properties, which depend on the 
number of solute and solvent molecules or ions and are independent of the nature of 
solute. Lowering of vapour pressure, elevation of boiling point and depression of 
freezing point and osmotic pressure are the important colligative properties of 
solutions. eaten: ae 

7: Eleyation of boiling point of a solvent in one molal solution is called mo RET 
point constant or ebullioscopic constant. Depression of freezing point of a sol eee 
one molal solution is called molal freezing point constant or cryoscopic constant 

8. The enthalpy or heat of solution of a substance is the heat change: é 
the substance is dissolved in a specified number of mol $0 
temperature.” yee! 

“yh The process in which water molecules surround and 
molecules is called hydration. The crystalline substance 

_ | of water in their crystal lattices, are called hydr 


7 : ie ae ye a ao 
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“aqueous solutions of soluble alts are evaporated. 
Salts of weak acids with strong bases react with we 
Whereas salts of weak bases with strong acids rea 
f teactions are called hydrolytic reactions, and the sal 
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EXERCISE 
Q1. Choosethe correct answer for the given ones. 
i) Molarity of pure water is: 
(a) 1 (b) 18 (c)m 55:59 rd) 6 
ii) 18 g glucose is dissolved in 90 g of water. The relative lowering of vapour 
pressure is equal to: 
(a) WSmeen(D) oe s(¢) 1/51 (d) 6 
ii)  Asolution of glucose is 10% w/v. The volume in which its 1g mole is dissolved will 





be: 
(a) 1Idm’ (b)  1.8dm’ (c)  200cm’ (d) 900cm’ 
iv) | Anaqueous solution of ethanol in water may have vapour pressure 
(a) equal to that of water (b) equal to that ofethanol 
(c) morethan that of water (d) less than that of water 
v) An azeotropic mixture of two liquids boils at a lower temperature than either of 
them when: 


(a) _ itis saturated 
(b) __ itshows positive deviation from Raoult’s law 
(c)  itshows negative deviation from Raoult’s law 
(d) __itismetastable 
(vi) Inazeotropic mixture showing positive deviation font Raoult’s law, the volume 
ofthe mixture is: 
(a) ~slightly more than the total volume of the components 
(b) slightly less than the total volume of the components 
(c) _ equal to the total volume of the components 
-  @)_ none ofthese 
(vii) “Which of the following solutions has the highest boiling point? 
‘ ive @ 5. 85 % solution ofsodiumchloride (b) 18.0%solution of glucose 
(«c ( on 0: (d) Allhave the same boiling point 
isin YaCl and KCI are prepared separately by dissolving same 
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(x) 


Q2. 


(vi) 
(vil) 


(viii) 
(ix) 
(x) 
Q3. 
(i) 


(ii) 
(iii) 


(iv) 





Colligative properties are the properties of: 

(a) dilute solutions which behave as nearly ideal solutions 

(b) concentrated solutions which behave as nearly non-ideal solutions 
(c) both (i) and (ii) 

d) neither (i) nor (ii) 

Fillin the blanks with suitable words. 

(i) Number of molecules of sugar in 1 dm’ of 1M sugar solution is ; 
(ii) 100g of a 10% aqueous solution of NaOH contains 10g of NaOH in g 





of water. : 
(iii) | Whenanazeotropic mixture is distilled, its remains constant. 
(iv) The molal freezing point constant is also known as 

constant. 


(v) The boiling point of an azeotropic solution of two liquids is lower than 
either of them because the solution shows from Raoult’s law. 
Among equimolal aqueous solutions of NaCl, BaCl, and FeCl, the maximum 
depression in freezing point is shown by solution. 
A solution of ethanol in water shows deviations and gives azeotropic 
solution with boiling point than other components. 

Colligative properties are used to calculate ofa compound. 

The hydration energy of Br ionis than that of F 1 ion. 

The acqueous solutionofNH,Clis___-. while thatofNa,SO,is__ 

Indicate True or False from the given statements _ 

At a definite temperature the amount of a solute in a given saturated solution i is 
fixed. 

Polar solvents readily dissolve non-polar covalent compounds. 

The solubility ofa substance decreases with increase in temperature, iftheheatof 
a solution is negative. ee es ARAN 
The rate of evaporation ofa liquid is inversely proportional tt the in pa eae 
forces of attraction. HUW SAE Ma 
The molecular mass of an elect dstesaine bylowering 3 of fs our} Piet : 
is less than the theoretical molecular mass. 


ae 
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! Q4. Define and explain the followings with one example in each case. 


(a) A homogeneous phase (f) Zeotropic solutions 
h (b)  Aconcentrated solution (g) Heatofhydration 
(c)  Asolutionofsolidinasolid (h) Waterofcrystallization 
(d) Aconsulate temperature (i)  Azeotropic solution 

(e) Anon-ideal solution (j) Conjugate solution 


Q5. (a) Whatare the concentration units of solutions? Compare molar and molal solutions. 
(b) One has one molal solution of NaCl and one molal solution of glucose. 
(i) Which solution has greater number of particles of solute? 
(ii) | Whichsolution has greater amount of the solvent? 
: (iii) _ How do we convert these concentrations into weight by weight 
percentage? 
Q6. Explain the following with reasons: 
(i) The concentration in terms of molality is independent of temperature but 
molarity depends upon temperature. 
(ii) The sum of mole fractions of all the components is always equal to unity for any 
. solution. 
ili) 100g0f98%H,SO, hasa volume of 54.34 cm’ of H,SO, .(Density = 1.84 gcm”) 
iv) Relative lowering of vapour pressure is independent of the temperature. 
vy) _ Colligative properties are obeyed when the solute is non-electrolyte, and also 
when the solutions are dilute. 
vi) The total volume of the solution by mixing 100 cm’ of water with 100 cm’of 
alcohol may not be equal to 200 cm’. Justify it. 
vii) | One molal solution of urea, in water is dilute as compared to one molar solution 
of urea, but the number of particles of the solute is same. Justify it. 
viii) Non-ideal solutions do not obey the Raoult’s law. 
Q7. Whatarenon ideal solutions? Discuss their types and give three example of each. 
Q8. (a) Explain fractional distillation. Justify the two curves when composition is 
_ plotted against boiling point ofsolutions. 
(b) The solutions showing positive and negative deviations cannot be fractionally 
- distilled at their specific compositions. Explain it. 
Q9a) Whatare azeotropic mixtures? Explain them with the help of graphs? 
(b) _Explainthe effect of temperature on phenol-water system. 
27,  Q10.(a) What are colligative properties? Why are they called so? 
(b) —Whatis the physical significance of K, and K, values of solvents? 
Qil. How: ca yey a that the lowering of vapour pressure is a colligative 
the molar mass of anon volatile, non- electrolyte solute in 
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two molal urea solution is less than 101.04 °C. 

(d) Beckmann’s thermometer is used to note the depression in freezing point. 

(e) in summer the antifreeze solutions protect the liquid of the radiator from boiling over. 

(f) NaCl and KNO, are used to lower the melting point ofice. 

Q13. What is Raoult’ s law. Give its three statements. How this law can help us to 
understand the ideality ofa solution. 

Q14. Give graphical explanation for elevation of boiling point ofa solution. Describe 
one method to determine the boiling point elevation ofa solution. 

Q15. Freezing points of solutions are depressed when non-volatile solutes are present 
in volatile solvents. Justify it. Plot a graph to elaborate your answer. Also, give 
one method to record the depression of freezing point ofa solution. 

Q16. Discuss the energetics of solution. Justify the heats of solutions as exothermic 
and endothermic properties. 

Q17.(a) Calculate the molarity of glucose solution when 9 g of it are dissolved in 250 cm’ 
of solution. (Ans: 0.2 mol dm”) 

(b) Calculate the mass ofurea in 100 g of H,O.in 0:3 molal solution. (Ans: 1.8g) 

(c) Calculate the concentration of a solution in terms of molality, which is obtained” 
by mixing 250 g of 20% solution of NaCl with 200 g of 40 % solution of NaCl. 


(Ans; 6.94m) 
Q18.(a) An aqueous solution of sucrose has been labeled as 1 molal. Find the mole 
fraction of the solute and the solvent. (Ans: 0. 0176, 0.9823) 


(b) You are provided with.80% H,SO, w/w having density 1.8 g cm” . How much 
volume of this H,SO, sampleis required to obtain one dm’ o f 20% w/w H,SO,, 
which has a density of1.25gem”. (Ans: 173. Sem’) 

Q19. 250 cm’ of 0.2 molar K,SO, solution is mixed with 250 cm’ of 0.2 molar KC] 
solution. Calculate the molar concentration ofK’ ions in the solution. 

(Ans: 0.3 molar) 

Q20. Sg of NaCl are dissolved in 1000 g of water. The density of resulting solution is 
0.997 g/cm’. Calculate molality, molarity and mole fraction of this solution. 
Assume that the volume of the solution is equal to that of solvent. 

(Ans: M = 0.08542, m= 0.0854, Mole fraction of NaCl= 0.00154 Mole fraction 
of H,O =0.9984). -- - 

Q21. 4.675g of a compound with empirical formula C,H,O were dissolved in 212.5g 
of pure benzene. The freezing point of solution, was found 1.02 ee teutite ' 
of pure benzene. The molal freezing point constant of benzeneis 5. a Calculate 
(i) the relative molar mass and (ii) the latent formula con por m 


| sill 3 gofa ae plein oh 
7 ~ (molar mass = 74) at 293. K.The va pc 
. 426 torr under these conditions. Caleu at 
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ELECTROCHEMISTRY 
Electrochemistry is concerned with the conversion of electrical energy into 


chemical energy in electrolytic cells as well as the conversion of chemical energy into 
electrical energy in galvanic or voltaic cells. 

In an electrolytic cell, a process called electrolysis takes place. In this process 
electricity is passed through the aqueous solution or fused state of an electrolyte. The 
electricity provides sufficient energy to cause a non-spontaneous oxidation-reduction 
reaction to take place. A galvanic cell, on the other hand, provides a source of electricity. 
This source of electricity results from a spontaneous oxidation-reduction reaction taking 
place in the solution. 

First of all, we should learn, the theoretical background of oxidation and 
reduction reaction and try to understand the balancing of equations. 


10.1 OXIDATION STATE AND BALANCING OF REDOX 
EQUATIONS 


10.1.1 Oxidation Number or State 
It is the apparent charge on an atom of an element in a molecule or an ion. It may 

be positive or negative or zero. 

Rules for Assigning Oxidation Number 

(1) The oxidation number ofall elements in the free state is zero. This is often shown 
as azero written on the symbol. For example, H, Na Mg. 

(ii) The oxidation number of an ion, consisting of a single element, is the same as the 
charge on the ion. For example, the oxidation number of K’, Ca’, Al* , Br , S” 
are +1, +2,+3,—1,—2, respectively. 

(iii) The oxidation number of hydrogen in all its compounds except metal hydrides is 

: +1. In metal hydrides itis—1, (NaH , Mp” HS”). 

(iy J | The oxidation number of oxygen in all its compounds except in peroxides, OF, 

a¢ _ and in super oxides is—2. Itis—1 in peroxides, +2 in OF, and—1/2 in super oxides. 

W ~§ eae a the algebraic sum of the oxidation numbers of all the 


4 
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(vii) In any substance the more electronegative atom has the negative oxidation 
number. 


{0.1.2 Finding Oxidation Number ofan Elementin a Compound ora Radical 


The oxidation number or state of any atom of an element present ina compound 
or a radical can be determined by making use of the above said rules. 


Example I: ) 
Calculate the oxidation number (O.N) of manganese in KMnO, . , : ) 


Solution 
(oxidation number of K) + (oxidation number of Mn )+4 (oxidation number of O)=0 
Where oxidationnumberof K =+1 
oxidationnumberofO =—-—2 
Let oxidationnumberof Mn = x \ 


Putting these values in the above equation. 
(+1) + x + 4(-2).= 0 


or XO tL, 
Thus the oxidation state of Mnin KMnO, is+7. 
Example 2; 
Calculate the oxidation number (O. ” of sulphur in SO; . 
Solution 
[oxidation number of S] + 4[oxidation number of O} ='-2 
x+4(--2)=-2 


x =+6 





Thus the oxidation number of sulphurin SOF is +6. 
10.1.3 Balancing of Redox Equations by Oxidation Number Method 
Carry out the following steps for balancing of redox equations by oxidation 
number method. prc db st 
(i) Write down the skeleton Sinton ofthe redox reacionunden Conideeent 
(ii) Identify the elements, which undergo a change in their oxidation number during 
the reaction. 5). RSF PES cy ear 
(iii) Record the oxidation number above'the sym syml bols ¢ fitbs, element, which have 
undergone a change in the oxidation nl . re Tre a" 
(vy) Indicate the change in oxidation num 
_- sides of the equation. Itshowsmnt 
pate thei increase oF n de 
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Example 3: 
Balance the following equation by oxidation number method. 
K,Cr,0,+HCl —~> KClI+CrCl,+Cl,+H,O 


Solution: 
Letus balance the equation stepwise: 
1. Write the equation with the oxidation number of each element. 
~ (+1)2 (+6)2 (-2)7 +1= +1 =I +3 (-1)3 0 (+1)2 -2 
K, Cr, O, + HCl Saree OurtnGrel +'Cl. + HO 
es Identify, those elements whose oxidation numbers have changed: 


Equation shows that Cr goes from + 6 to +3 and it is reduced. Cl goes from —] to zero’ 
and is oxidized. Moreover, the oxidation number of chlorine remains the same, i.e from 
-1 to -1 when KCl and CrCl, are produced. So, we should write HCl, twice on the left 
hand side. One of HCI on left side shows those Cl atoms which do not change their 
-oxidation-_numbers.Other HCI shows-those Clatoms which undergo a change in their 


‘oxidation numbers. 
(43e’) reduction 


=I +6 x Fy 43-1. ° 
HCl +K,Cr0,+ HCl —> KCi + CrCl + Cl, +H,0 
_———e SF 


(does not change oxidation number) oxidation 


mot Draw the arrows between the same elements whose oxidation numbers have 


changed. Also, point out the change in oxidation number. Cr has changed its 
oxidation number from + 6 to + 3 and chlorine has changed from —1 to zero. It 
means 6 electrons have been gained by two Cr atoms ame 1 electron has been lost 
by | chlorine atom. 


(—le) oxidation 
+6 f 43 -1 +. 
HC1+K,Cr0, + HCl —> KC1+CrCh + Cl, +H,O 
, I oF ; 


: 2 (+3e) =+6e reduction 
4. In order to balance the number of electrons lost.and gained, multiply HCl with 
six, In this way, 6 electrons lost by 6 CI will be gained by 2Cr* to give 2Cr”’. Do 

notmultiply other HCI molecules with anything at this moment. 

HCI+K,Cr,O,+6HCl —»  KCI+CrCl,+Cl,+H,O 
5. _ Let us, balance Cr atoms by multiplying-CrCl, by 2 . Balance Cl, on right hand 
side, whose oxidation number has changed by multiplying it with 3. In this way, 
_ the atoms which have been oxidized and reduced get balanced. 
_ HCI+K,Cr, 0, +6HCl = —> KCl+2Cr€l,+3Cl,+H,O 
8 ‘6 Loans KCl by2. , 

Be 2KC1+2CrCl, +3Cl, +H,0 





ua . 
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St eens Hemistry= XE 
There are 8 such chlorine atoms on the right hand side with 2KC1 and 2CrCl,. So 
multiply HCl with eight. This HCI has produced KCl and CrCl, . 

8HCI+K,Cr,0,+6HCl —+ 2KCl+2CrCl,+3Cl,+H,O 

8. Balance the rest of the equation by inspection method. To balance O atoms 
multiply H,O with 7. 

8HCI+K,Cr,O,+6HCl —» 2KCI+2CrCl, +30), TH, O 
or 
K,Cr,O,+14HCl —» 2KCI+2CrCl,+3Cl, +7H, O 
This is the final balanced equation. 


10.1.4 Balancing of Redox Equations by lon-Electron Method 


The balancing of redox equations by the loss and gain of electrons usually 
involves quite a few ions, which do not undergo change in valence and which are not 
really necessary for the process of balancing. The ion-electron method eliminates all the 
unnecessary ions and retains only those, which are essential. Following, are the general 
rules for balancing the redox equations by ion-electron method. 


1. Write a skeleton equation that shows only. those substances we are actually 
involved'in the reaction. 

2. Split the equation into two half reactions, one showing OES EERE ; 
and the other reduction halfreaction. . 

ch The element should not be written as a free atom or ion aalese it italy exists as . 
such. It should be written as areal molecular or ionic species. 

4. Balance each partial equation as to the number of atoms of each element. In 


neutral or acidic solution, H,O or H’ ions may be added for balancing oxygen and 
hydrogen atoms. Oxygen atoms are balanced first. If the solution is alkaline, OH 
may be used for each excess oxygen on one side of the equation. 
5. Balance each half reaction as to the number of charges by adding clecrons to 
either the left or the right side of the equation. 
6. Multiply each half. reaction by a number chosen so that the total number of 
electrons lost by the reducing agent equals the number of electrons gained by the - 
oxidizing agent. 
Tk Add the two half reactions. Count the number of atoms of each element on each 
side of the equation and also check the net charge on each side, which should be 
~ equal on both sides. 
Balancing of redox equations by ion-electron method, making Use of the above 
Tules. There are two types of such reactions, i¢., in acidic medium and basic medium. 


Now, letus discuss one example of each. ae “i 


Example 4: (acidic medium) : 3 " hts 

Balance the equation for the reaction of HCI with: nKMnO, where Cri is is oxidized 
to Cl; andMn0; is reduced to Mn”. The skeleton equation which does not; contain either 
ae or H,Ois: 
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Cl +Mn0; — > Cl,+Mn” 
Solution Itis clear that CI is oxidized to Cl, and MnO}; reduces to Mn™ 


Splitting the equation into half-reactions, 
Oxidation halfreaction 
cr —> Cl, 
Reduction halfreaction 
MnO; ——> Mn” 
Balancing atoms on both sides of oxidation half reaction. 
CO ICL  sessussavnsese (1) 

Now, balance the reduction half reaction. To balance O-atoms, add 4H,O on 

R_HLS. and to balance H-atoms add 8H’ on L.H.S. The reason is that medium is acidic. 


i il, 


8H’ +MnO; — > Mn’ + 4H,O oases (2) 

“Balancing the charges by adding electrons in equation (1) and (2), we get (3) and (4). 
2X0) RS ES CS IE 2 re (3) 
8H’ + MnO; +5e° —> Mn** SEATON Vuk iescesseésaks (4) 


For making the number of electrons lost in first equation equal to the number 
of electrons gained in the second equation, multiply the first equation by 5 and second 
by 2. After adding both equations and cancelling the common species on both sides, 
balanced equation is obtained. 

[2Cl —~> Cl,+2e]x5 

: [Se +8H' +MnO; —> Mn“ +4H,0] x2 

10Cl + 16H" + 2Mn0; —> och + 2Mn”™ + 8H,O 
Example5: (basic medium) 


Balance the following equation in basic aqueous solution by ion-electron 
method. 
» panlakea) “ Cr (aq) +H,O —+ MnO{s) + CO,(g) + OH (aq) 


Solution 










| Steps are involved i in balancing of equation in basic aqueous 
method. 
ements, which undergo change in ercaion number by writing 





AN J AT eye} -2+(1) 
Mae —> MnO, +CO, +(OH)" 
ga Oho TOES 







Beanies ,% so eli 
a = as Co, wih (oxi 
pany (red poonhalrenston) 





. 
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Balancing of Oxidation Half Reaction: 
C0; —> CO, 
Balancing the C atoms in both sides of the half reaction. 
C0, —> 2C0, 
Balancing the charges on both sides of the half reaction by adding the appropriate 
number of electrons to the more positive side. 
Coy; ——> 2CO, +267 artee" (1) 
The oxidation halfreaction is balanced. | 


Balancing of Reduction Half Reaction: 
MnO; ——~ MnO, 
Balance the oxygen by adding OH ions on the side needing the oxygen. Add two 
OH ions for each oxygen atom needed. So, we have toadd 40H onR.H.S. 
MnO, — > MnO, + 40H 
Balance the hydrogen, by adding H,O on the other side of the half reaction. Add 
one H,O for each two OH ion. In this way, oxygen and hydrogen atoms are 
balanced. 
2H,O + MnO; —> Mn0,+ 40H 
Balance the charges by adding three electrons to L.H.S. of equation: 
3e + 2H,0 + MnO, — >» MnO,+ 40H ........ (2) 
The reduction half reaction is balanced. 
(iii) | Multiply each half reaction by an appropriate number, so that the number “af 
electrons in both the half reactions becomes equal. For this purpose, multiply the 
oxidation half reaction by 3 and the reduction halfreaction by 2. 


3C,0; — > 6CO,+ 6 ere) 
2x[3e + 2H,O + MnO, — > MnO,+ 40H] 
6e +4H,O + 2MnO; ——> 2Mn0,+ 80H ........ (4) 


‘ (iv) | Add the two half-reactions to get the net ionic equation and cancel out anything 
appearing on both sides of the equation. For this purpose, add equations (3) and (4). 
3C,05 — > 6CO,+ 6e : 
6e + 4H,O + 2MnO; —> 2Mn0O, + 80H 


3C,07 + 4H,O + 2MnO; ——> 6CO,+2MnO, + 80H” 


Hence, the balanced ionic equation is: 
2MnO, (aq) + 3C,0; + 4H,0 — 2Mn0,(s) + 6CO(g) + c08r(e@) 


10.2 ELECTROLYTIC CONDUCTION 


We know that most metals are poaieton of electricity 
free movement of their electrons throughout the 
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the solution or through the fused electrolyte. Here, the current is carried by ions having 
positive and negative charges. These ions are produced in the solution or in fused state due 
to ionization of the electrolyte. Jonization is the process in which ionic compounds when 
dissolved in water or fused, split up into charged particles called ions. e.g. 


~ NaCl(s) 0 Na* (aq) + CI"(aq) 
PbBr, (s) ue Pb” (¢) + 2Br-(£) 


Electrolytic conduction takes place in electrochemical cells. Electrochemical 
cells are of two types, i.e., electrolytic cells and voltaic or galvanic cells. 


10.2.1 Electrolytic Cells 

In an electrolytic cell, electric current is used to drive a non-spontaneous 
reaction. When a non-spontaneous reaction takes place at the expense of electrical 
energy, the process is called electrolysis. During this non-spontaneous reaction, the 
substances are deposited at respective electrodes and electrolyte is decomposed. 
Examples of electrolytic cells are Down’s cell and Nelson’s cell, etc. 


Look at the arrangement as shown in Fig (10.1). It represents, an electrolytic cell. 
Two electrodes are dipped in the solution of an electrolyte. The electrolyte consists of 
positive and negative ions which are free to move in the solution. When a direct current 
(D.C) source is connected to the 
electrodes of the cell, each electrode 
acquires an electric charge. Thus, on 
applying electric potential, the 
positive ions migrate towards the 
negative electrode, called cathode 
and the negative ions move towards 
the positive electrode, called 
anode. This movement of ionic 
charges through the liquid brought 
by the application of electricity is 
called electrolytic conduction and 
the apparatus used is known as Ftg (10.1) The migration of ions in 
electrolytic cell. SOS SCH 

















When electrolytic conduction occurs, electrochemical reaction takes place. The 
ions in the liquid come in contact with the electrodes, At anode, the negative ions give up 
electrons and are, therefore, oxidized. At cathode, the positive ions pick up electrons and 
are reduced. Thus during electrolytic conduction, oxidation takes place at anode and 
educt ion takes place at cathode. The liquid will continue to conduct electricity only as 
122 tion-reduction reactions occurring at the electrodes, continue, . 
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The electrochemical reactions Table (10.14) Products of electrolysis 
that occur at the electrodes during the (using inert electrodes like platinum or graphite) 


electrolytic conduction constitute Electrolyte | Cathode 


the phenomenon of electrolysis. 
When a molten salt is 
electrolyzed, the products are 
predictable. When an aqueous 
solution of a salt is electrolyzed, 
hydrogen and oxygen appear at the 
cathode and anode respectively in 
certain cases. The products formed 
from a few electrolytes are shown in Table (10. 1 a) and(10.1 b). 





Table (10.1b) Products of electrolysis 
(when electrodes take part in the reaction) 
Feo) 


Electrolyte Copper athode| + Copperanode ‘we, il 
Ca ie of 
- Electrolyte Silver cathode | _ Silver anode — . nal y,, 


AgNO,(aq) and HNO,(aq) Ag deposits Ag(s) dissolves to form Ag” ions 


Explanation of Electrolysis 
(a) Fused Salts tee , 
When a fused salt is electrolyzed, the metal ions called cations arrive at the 
cathode which being negatively charged, supplies electrons to them and thus discharge 
the cations. The anions move towards the anode, give up their electrons and are thus 
discharged. In the case of fused lead chloride, the equations for electrode processes are 
given as under: art eet 
Atcathode: © Pb” (¢) + 2e —— > Pb(é) 
Atanode: . 2Cl (€) —> Clg) +26, 
So, oxidation happens at anode and reduction atthe cathode, yea 
Similarly, for fused NaCl or fused PbBr, the electrolyte is decomposed during 
electrolysis. Fused Na or Pb is deposited at cathode and Cl, (g) or Br, (g) generates at 
anode. i 4 z* 
Electrons-flow through the external circuit from anode to cathode. The electric 
current is conducted through the cell by the ions and through the external circuit by the 
electrons. 





















vee ainey € Hse Rer hol > 
. (reduction) 
(oxidation) 






(b) Aqueous Solutions of Salts i — 
The electrolysis of aqueous solutions is somewhat more complex. Its re: 
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ability of water to be oxidized as well as reduced. Hence, the products of electrolysis are 
not precisely predictable. Some metal cations are not discharged from their aqueous 
solutions. e.g. While electrolyzing aqueous sodium nitrate (NaNO,) solution, sodium 
ions are not discharged at the cathode. A small concentration of hydronium and hydroxyl 
ions arises from the dissociation of water: 
NaNO, “°5 Na’ (aq)+NO; (aq) 
2H,0 (€) —> H,O'(aq)+OH (aq) 

Hydronium ions accept electrons from the cathode to form hydrogen atoms. 

Atcathode: H,O’ (aq)+e ——> H(g)+H,O(£) (reduction) 

Subsequently, hydrogen atoms combine rapidly to form hydrogen molecules at 

the cathode. 

H(g)+H(g) —— H,(g) 
So, H, gas evolves at cathode. 

The concentration of hydronium ions is only 10” mol dm” in pure water. When 
these are discharged then more are formed by further dissociation of water molecules. 
This gives a continuous supply of such ions to be discharged. Sodium ions remain in 
solution, while hydrogen is evolved at the cathode. Thus, the reduction of the two cations 
depends on the relative ease of the two competing reactions. 

At the anode, both nitrate and hydroxide ions are present. Hydroxide ions are 
easier to discharge than nitrate ions. Nitrate ions remain in solution while the electrode 
reaction is: . 

Atanode: OH (aq) ——> OH(aq)+e (oxidation) 

The OH groups combine to give O, gas as follows: 


40H — > O0,(g) + 2H,O(2) 
So, O, gas evolves at the anode. 
But, remember that the expected order of the discharge of ions may also depend 
upon their concentrations. 


Electrolytic Processes of Industrial Importance 


Various types of electrolytic cells are employed on industrial scale. Some of the 

important ones are given here. 
(i) Extraction of sodium by the electrolysis of fused sodium chloride is carried out in 
Down’s cell. In this case, molten sodium chloride is electrolyzed between iron cathode 
and graphite anode. The cell is planted to get sodium metal commercially, chlorine is 
obtainedasabyproduct. . 
. , NaCl(s) — Na’ (@)+CI (2) 


Atcathode 
2Na'(¢ )+2e ——> 2Na(C) (reduction) 


Atanode : 
“ Hhenwe — 2Cl (2) —> 2Cl(g) + 2e (oxidation) 
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| Cl(g) + Cl(g) —> Cl, (g) 

By adding the two reactions happening at anode and cathode, the overall reaction is: 
2Na' (€)+2CIl (€) ——» 2Na(é) +CL(g) 

(ii) | Caustic soda is obtained on industrial scale by the electrolysis of 
concentrated aqueous solution of sodium chloride using titanium anode 
and mercury or steel cathode. This electrolysis is carried out in Nelson cell and 
Castner-Kellner cell or Hg- cell. 


‘NaC\(s) 





Na(aq) + CI (aq) 





At cathode 
2H,O(2) +2e —~> H,(g)+ 2OH (aq) (reduction) 
At anode : 
2CI(g) ——> Cl,(g)+2e (oxidation) 
By combining the electrode reactions and including Na ions, the overall reaction is: 


2Na'(aq)+ 2CI'(aq)+2H,O(2) —> Cl,(g) +H, (g)+2Na’(aq)+20H (aq). 
Na’ (aq)+ OH (aq) ——> NaOH (aq) 
Here, chlorine and hydrogen are obtained as by products, and Na’ is not 
discharged at cathode. 
(iii) | Magnesium and calcium metals are extracted by the electrolysis of their fused 
chlorides. Mg and Ca are collected at cathodes while Cl, at anodes. 
(iv) Aluminium is extracted by \electrolyzing fused bauxite, Al,O,:2H,O in the 
presence of fused cryolite, Na,AJF,..This process is called Hall-Beroult process. 
(v) Anodized aluminium is prepared by making it an anode in an electrolytic cell 
containing dilute sulphuric acid or chromic acid, which coats a thin layer of oxide 
on it. The aluminium oxide layer resists attack of corrosive agents. The freshly 
anodized aluminium is hydrated and can absorb dyes. ) 
(vi) Electrolytic cell can also be used for the purification of copper. Impure copper is : 
made the anode and a thin sheet of pure copper is made the cathode. Copper _ 
sulphate solution is used as an electrolyte. The atoms of Cu from impure Cu anode 
are converted to Cu” ions and migrate to cathode which is made up of pure Cu. In 
this way impure Cu anode is purified. Impurities areleftatthe bottomofanode. ~ 
(vii) Copper, silver, nickel and chromium plating is done by various types of 
electrolytic cells. One metal is deposited at the surface of another metal, 


10.2.2 Voltaic or Galvanic Cell 
A voltaic or a galvanic cell consists of two half-cells that are electrically 
connected, Each half cell is a portion of the total cell in which a half reaction takes place. 
Fig (10.2) shows such a galvanic cell. The left half cell consists of a strip of: zinc metal © 
dipped in 1.0 M solution of zine sulphate giving the following equilibrium: _ ; 
Zn(s) == Zn"(aq) +20 
The righthalfcellis copper metal strip that dipsinto 1 bM opper sulphate soluti 


tlie 
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the equilibrium here is represented as follows: 


Cu(s) = Cu(aq) + 2e 

These half-cells, as shown in 
Fi ig (10.2) are connected electrically by a 
salt bridge. If the solutions were to mix, 
direct chemical reactions would take 
place, destroying the half-cells. The salt 
bridge contains an aqueous solution of 
potassium chloride in a gel. Zinc tends to 
lose electrons more readily than 28 foc Fig (10.2) A Galvanic cell consisting of Zn and Cu 
Zn electrode takes on a negative charge electrodes at 25°C and 
relative to the copper electrode. If the unit concentration of electrolytic solutions 
external circuit is closed by connecting the two electrodes as shown in the figure, electrons 
flow from the zinc through the external circuit to copper electrode. The following half-cell 
‘reactions occur at two electrodes and cell potential at standard conditions is 1.1volts. It is 


i 


Cuso,(aq) 





denoted by E°. 
Atanode Zn(s) —» Zn” (aq)+2e (oxidation) 
Atcathode Cu’ (aq) +2e"” ——> Cu(s) (reduction) 


‘The overall voltaic cell reaction is the sum of these two half cell reactions. 
Zn(s)+Cu (aq) ——> Zn*(aq)+ Cu(s) E°=1.1volts 
This voltaic cell can be represented as follows: 
Zn(s)/Zn”* (aq) 1M||Cu"(aq) 1M/Cu(s) —_E°=1. 1 volts 
Note that reduction occurs at the copper electrode and oxidation occurs at the 
zinc electrode. Sign || shows the presence of salt bridge. 


le . FunctionofSalt Bridge 

_ Letus, examine the purpose of the salt bridge. Since, zinc ions are produced, as 
electrons leave the anode, we havea process which tends to produce a net positive charge 
in the left beaker. 
Actually, the concentration of Zn” ions increases in the left compartment. Similarly, the 
arrival of the electrons at the copper cathode and their reaction with GCpre ions tend to 
produce a net negative charge in the right beaker. 

The purpose of the salt bridge is to prevent any net charge accumulation in either 
beaker by allowing negative ions to leave the right beaker, diffuse through the bridge and 
enter the left beaker. If this diffusional exchange of ions does not occur, the net charge 
accumulating in the beakers would immediately stop the flow of electrons through the 
external circuit and the oxidation-reduction reaction would stop. 

Many other oxidation-reduction reactions can be carried out successfully in 
galvanic « cells using different electrodes. It is natural to think of these cell processes as 
- separate into tworhif SLEDS twoelectrodes. 
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In a voltaic cell the electric current in the external circuit can be used to light a 
‘bulb, drive a motor and so on. 


Voltaic Cellis a Reversible Cell 


If the external circuit in a voltaic cell is replaced by a source of electricity, the 
electrode reactions can be reversed. Now, the external source of electricity pushes the 
electrons in the opposite direction and supplies energy or work to the cell so that the 
reverse non-spontaneous reaction occurs. Such a cell is called a reversible cell. 

For the zinc-copper cell, the half cell reactions are reversed to give: 

Zn’ (aq)+2e ——> Zn(s) (reduction) 
Cu(s) — > Cu"(aq)+2e° (oxidation) 
and the overall reaction being reversed, becomes: 
Zn” (aq)+ Cu(s) ——» Zn(s) + Cu”(aq) 

Oxidation occurs at the copper electrode and reduction takes place at the zinc 
electrode and the cell operates as an electrolytic cell in which energy from an external 
source drives a non-spontaneous reaction. 

When a cell operates as a voltaic the electrode at which reduction occurs is called 
the cathode while the electrode at which oxidation takes place is called the anode. Hence 
in voltaic cell, Zn acts as an anode and Cu acts as a cathode. 


10.3 .ELECTRODE POTENTIAL 


_When a metal strip is placed in a solution of its own ions, there are Exo 
tendencies. The metal atoms may dissolve in the solution as positive ions by leaving 
electrons on the metal. It imparts negative charge on the metal to make it negative 
electrode (cathode). On the other hand, the metal ions present in solution may take up 
electrons from the metal and get discharged as atoms. It imparts a positive charge to the 
metal to make it positive electrode (anode). In either case, a potential difference is set up 
between the metal and the solution, which is called single electrode potential. 

The potential set up when an electrode is in contact with one molar solution ofits 
own ions at 298 K is known as standard electrode ,potential or standard reduction 
potential of the element. It is represented as E°. 

Standard electrode potential of hydrogen has arbitrarily been chosen as zero, 
while the standard electrode potentials of other elements can be found by comparing 
them with standard hydrogen electrode potential. 

The electrode potential, set up when a metal piece is placed i in a solution 
containing its own ions, can be explained in terms of equilibrium between the atoms of 
the metal andits ions in solution. It is believed that when a metal is placed in in as solution 
ofits own ions, some ofits atoms tend to give electrons to the piece of metal and pass into 
" - the solution as positively charged ions. At the same time the metallic ions already present 

in solution tend to take up electrons from the piece ¢ of metal and deposit ‘themselves as 
neutral atoms. Whichever tendency i is Laie in a given case aseteaniee whether the 
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metal becomes negatively or positively charged, 
compared with the solution. When equilibrium is 
eventually attained, the two opposing processes 
continue at the same rate and there is no further 
change in the potential difference. 

A rod of zinc , for example, will bear an 
accumulation of negative charges. This is due to 
the net ionization of some of its atoms. The 
negative charge on the Zn-rod will attract an 
atmosphere of positively charged zinc ions around 
the rod to form an electrical double layer as shown 
in Fig (10.3). The equilibrium can, therefore, be 
represented as: 

Zn(s) == Zn** (aq) + 2e7 
10. 3.1 Standard Hydrogen Electrode (SHE) 

A standard hydrogen electrode which is 
used as a standard is shown in Fig (10.4). It consists 
of a piece of platinum foil, which is coated 
electrolytically with finely divided platinum black 
to give it a large surface area and suspended in one 
molar solution of HCl. Pure hydrogen gas at one 
atmosphere pressure is continuously bubbled into 
1M HCI solution. The platinum acts as an electrical 
conductor and also facilitates the attainment of 
equilibrium between the gas and its ions in solution. 
The potential of this electrode is arbitrarily taken as 
Zero. 


10.3.2 Measurement of Electrode Potential 


In any measurement of electrode potential, 
the concerned electrode is joined electrolytically 
with the standard hydrogen electrode (SHE) and a 
galvanic cell is established. The two solutions are 
separated by a porous partition or a salt bridge 
containing a concentrated solution of potassium 
chloride. The salt bridge is used to provide a highly 
conducting path between the two electrolytic solutions. 
‘The potential difference is measured by a voltmeter 
which gives the potential of the electrode, as the 
’ potential of SHE is zero. An oxidation or reduction may 
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Fig (10.3) Equilibrium between 
zinc and its ions in solution 


Lead to 
potentiometer 
= 25°C Supply of 
hydrogen gas 
P= 1 atm 


Escaping bubles of| 
hydrogen 


Platinised 
platinum foil 


1M Hydrochloric 
acid solution 


Fig (10.4) Standard hydrogen 
electrade (SHE)- 





Fig (10.5) Electrode potential of zinc 


take giles SHE cepeasiine pen tie nahite ofthe a eneas which is coupled with it, 
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To measure the electrode potential of zinc, a galvanic cell is established between 
zinc electrode dipped in | M solution ofits ions and standard hydrogen electrode at 25 °C 
as shown in Fig (10.5). Under the standard conditions, the voltmeter reads 0.76 volts and 
the deflection is in such a direction as to indicate that zinc has a greater tendency to give 
off electrons than hydrogen has. In other words, the halfreaction Zn(s) > Zn” (aq)+2e 
has greater tendency to occur than H,(g) —2H"(aq) +2e by 0.76 volts. The standard 
electrode potential of zinc is, therefore, 0.76 volts. It is called oxidation potential of Zn 
and is given the positive sign. The reduction potential Zn-electrode is -0.76 volt. The 
electrode reactions will be shownas follows: 
Atanode Zn(s) — Zn” (aq) +2e° (oxidation) 
At cathode 2H’ (aq) + 2e — H, (g) (reduction) 

The electrode potential of copper can also 
be measured using the same type of galvanic cell in 
which copper is an electrode dipped in 1 M solution 
of its ions and connected with SHE Fig (10.6). 
Under standard conditions, the voltmeter reads 
0.34 volts and the deflection is in such a direction as 
to indicate that hydrogen has a greater tendency to 
give off electrons than copper has. Fig (10.6) Electrode potential of copper 





In other words, the half reaction H,(g) > 2H (aq) + 2e has a greater tendency to 
occur than Cu(s) ~Cu’’(aq) +2e by 0.34 volt. So the standard electrode potential of Cu 
is 0.34 volts. It is called reduction potential of Cu. When the sign is reversed, then the 
-0.34 V is called oxidation potential of Cu electrode. The reactions taking place at two 
electrodes will be shown as follows: 


Atanode H, (g) — >» 2H"(aq)+2e 
Atcathode Cu"*(aq)+2e° —> Cu(s) 


10.4 THEELECTROCHEMICALSERIES 

When elements are arranged in the order of their standard electrode potentials on 
the hydrogen scale, the resulting listis knownas electrochemical series. 

Such a series of elements is shown in Table (10.2). The electrode potentials 
have been given in the reduction mode as recommended by the International Union 
of Pure and Applied Chemists (IUPAC). In some textbooks, half reactions are written 
in the oxidation mode and the corresponding potentials are oxidation Potentials. . 
The magnitude of the potential is not affected by the change i in mode ‘but the si 
are reversed, Therefore, before using standard electrode potential data, itis 


to ascertain which mode is being used. An important point ‘remember in* 


using reduction potential values is that they relate only to standard conditions e., 1 M 
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solution of ions, 25 °C and one atmospheric pressure. Changes in temperature, 
concentration and pressure will affect the values of reduction potential. 


Table (10.2) Standard reduction potentials (E°) of substances at 298 K 
Standard Reduction Potential 
(E*) 

Li +e = Li 
K*+e — K 
Ca" +2e Ca 
Na’ +e — Na 
Mg” + 2e — Mg 
Al” +3e — Al 
Zn +2e° — Zn 
Cr’ + 3e° — Cr 
Fe" + 2¢ — Fe 
Cd” + 2e° Cd 
Ni* + 2¢° > Ni 
Sn™ + 2e° Sn 
Pb" +2e — Pb 

. 2H 2e — H, (Reference Electrode) 

Ci ¥2e > Cu 
Cu’+e Cu 
I, #2¢ — 27 
Fe” +3¢ — Fe 
Ag’ +e —Ag 
Hg” + 2e° > Hg 
Br, + 2e — 2Br 
Cl, + 2e° — 2Cr 
Au" +3¢1—-Au 


il series, it is easy to aad whether a 
ple, Cu(aq) can oxidize solid zinc but 


Te uc pgriccn dene of copper and 


“ 
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. Zn" (aq)+ 2e ——> Zn(s) °=— 0.76 volts 
Since zinc is being oxidized, so the reverse reaction will be considered. 
Zn(s) —» Zn” (aq)+2e E°=+0.76 volts (oxidation) 
The overall reaction will thus be: 
Cu”(aq) + Zn(s) ——> Cu(s) + Zn*(aq) E°.,= 1.10volts 
The overall positive value for the reaction potential suggests that the process is 


energetically feasible. If the sum of E° values of the two half cell reactions is negative, 
then the reaction will not be feasible. 


(ii) Calculation of the Voltage or Electromotive Force (emf) of Celis: 

In a galvanic cell, the electrode occupying a higher position in electrochemical 
series will act as anode and oxidation takes place on it. Similarly, the electrode occupying 
the lower position in the series will act as a cathode and reduction will take place onit, Let 
us find out a cell potential or the emf of the cell already discussed as above. The half cell 
reactions are: 

Zn(s) ——> Zn’ (aq) +2e€ (oxidation half reaction) 
Cu” (aq)+2e ——» Cu(s) (reduction half reaction) 
Cu” (aq)+Zn(s) ——> Cu (s)+ Zn“(aq) (complete cell reaction) 
The oxidation potential of Zn is positive. The reduction potential of Cu’ is also positive. 
The cell voltage or emf of the cell is given by 
E° ~ — Eis + E° 
E°.., = 0.76 + 0.34=1.10 volts 

The cell voltage or emf measures the force with which electrons move in the 
external circuit and therefore measures the tendency of the cell reaction to takes place, 
Galvanic cells, thus, give quantitative measure of the relative tendency of the various 
reactions to occur. 


(iii) Comparison of Relative Tendency of Metals and Nonmetals to Get Oxidized 

or Reduced . 

The value of the reduction potential of ametal or a nonmetal tells us the tendency 
to lose electrons and act as a reducing agent. It also gives the information about the 
tendency ofa species to gain electrons and act as an oxidizing agent. Greater the value of 
standard reduction potential of a given species, greater is its tendency to accept electrons : 
to undergo reduction and hence to act as an oxidizing agent. For example, ions like Au’, : 
Pt’, Hg”, Ag’, Cu” and the nonmetal elements like F,, Cl,, Br, and, which lie Peto aes . 
SHE, have a strong tendency to gainelectrons andundergoreduction.  —_ 

The series tell us that strong oxidizing agents like F,, Cl, Br,, etc. haves age _ 
positive value of standard reduction potentials, while strong reducing agents li 
Ca, Na, etc. have large negative values and lie above SHE. 


cr ee 
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(iv) Relative Chemical Reactivity of Metals —" 
Greater the value of standard reduction potential of a metal, smaller is its 

tendency to lose electrons to change into a positive ion and hence lower will be its 
reactivity. For example, metals like Li, Na, K and Rb are highly reactive. Coinage metals, 
Cu, Ag, and Au are the least reactive because they have positive reduction potentials. 

. Similarly, metals like Pb, Sn, Ni, Co and Cd which are very close to SHE react very 
slowly with steam to liberate hydrogen gas, while the metals like Fe, Cr, Zn, Mn, Al and 
Mg which have more negative reduction potentials react with steam to produce the 
metallic oxides and hydrogen gas. 

(v) Reaction of Matels with Dilute Acids 


Greater the value of standard reduction potential of a metal, lesser is its tendency 
to lose electrons to form metal ions and so weaker is its tendency to displace H’ ions from 
acids as H, gas. For example, metals like Au, Pt, Ag and Cu which have sufficiently high 
positive values of reduction potentials, do not liberate hydrogen gas from acids. While, 
metals like Zn, Mg and Ca which are close to top of the series have very low reduction 
potentials and liberate hydrogen gas, when they react with acids. 

(vi) Displacement of One Metal by Another from its Solution 


One metal will displace another metal from the aqueous solution of its salt if it 
lies above in the electrochemical series. For example, Fe can displace Cu from CuSO,, 
Zn cannot displace Mg from solution of MgSO,,. 

10.5 MODERN BATTERIES AND FUELCELLS 

Those cells which cannot be recharged are called primary cells. Examples are dry 
cell, alkaline battery, mercury and silver battery. Those ones which can be recharged are 
called secondary cells. Examples are lead-acid battery, Ni-Cd-battery and fuel cells. A 
few examples of some modern batteries and fuel cell are described in this section. 


10.5.1 Lead Accumulator or Lead-Acid Battery (Rechargeable) 
It is commonly used as a car 
battery. It is secondary or a storage 
cell. Passing a direct current through 
it must charge it. The charged cell can 
then produce electric current when 
required. The cathode of a fully 
charged lead accumulator’ is lead 
oxide, PbO, and its anode is metallic 
lead. The electrolyte is 30% sulphuric Fig (10,7) Lead Accumulator - 
acid solution (density 1.25 g cm”). When two electrodes are connected through an 
external get it produces electricity by discharge Fig (10.7). A single cell 
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provides around 2 volts. For 12 volts, 6 cells are connected in series. 
Discharging 


At anode, the lead atoms release two electrons each to be oxidized to Pb” i ions, 
which combine with SO; ions present in the electrolyte and get deposited on the anode 
as PbSO,. 


At the anode ; ‘- 
Pb(s)+SO;(aq) —> PbSO,(s)+2e (oxidation) 

The electrons released pass round an external circuit as an electric current to be 
used for starting the engine ofa vehicle, for lighting up of car lights and so on. 

At the cathode the electrons from the anode are accepted by PbO, and hydrogen 
ions from the electrolyte then undergo a redox reaction to produce lead ions and water. 
The Pb” ions then combine with the SO; ions and deposit at the cathode as PbSO,,. 

Atthecathode ~ 

PbO, (s) + 4H’ (aq) + SOF (aq) + 2e —> PbSO, (s) + 2H,O (4 (reduction) 

When both electrodes are completely covered with PbSO, deposits, the cell will 
cease to discharge any more current until it is recharged. The overall reaction is: 

Pb (s)+ PbO, (s) + 4H’ (aq) +2SO{ (aq) —>» 2PbSO,(s)+2H,0(8 

A typical 12-V car battery has six cells connected in series. Each delivers 2V. 
Each cell contains two lead grids packed with the electrode materials. The anode is ~ 
spongy lead and cathode is powered PbO,. The grid is immersed in an electrolytic 
solution of = 3.2M H,SO, (30%). Fibreglass sheets between the grids prevent shorting by 
accidental physical contact. When the cell is discharged, it generates electrical energy as 
a voltaic cell. 

Recharging 

During the process of recharging, the anode and the cathode of the external 
electrical source are connected to the anode and the cathode of the cell respectively. The 
redox reactions at the respective electrodes are then reversed. These reactions are 
summarized as follows: 


At anode PbSO, (s) +2e ——> Pb (6) + ‘sO (aq) (reduction) 


At cathode PbSO, (s) + 2H,O @ i = PbO, (s) + 4H'aq) + SO? (aq) 2 Ccxiea) 
The overall reaction is: r 


2PbSO, (s) + 2H,O (4) —>Pb(s) +PbO, (s)+4H'(aq) +2SO7 = ea) t 
During the process of discharging, the concentration of the acid falls, decreasing 
its density to 1.15g cm’. After recharging, the acid is concentrated again’ ringin 
density to it§ initial value of 1.25g cm . At the same time, the voltage ¢ of the b Ber _ 
which has dropped during discharging, TOES. SOUL 12volts. J 








ee eee -_ 
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10.5.2 Alkaline Battery (Non-rechargeable) 
It is a dry alkaline cell, which uses zinc and manganese dioxide as reactants. Zinc 
rod serves as the anode and manganese dioxide functions as the cathode. The electrolyte, 


- however, contains potassium hydroxide and is therefore basic (alkaline). The battery i is 


enclosed in a steel container. The zinc anode is also slightly porous giving it a larger 
effective area. This allows the cell to:deliver more current than the common dry cell. It 
has also longer life. The reactions in the alkaline battery are shown as follows: 


Zn(s) +20H (aq) —~> Zn(OH),(s) + 2e€ (anode) 
2Mn0O, (s) + H,O (€)+2e — > MnO, (s)+2OH (aq) (cathode) 
The overall reaction is: a 


Zn(s) + 2MnO,(s) + H,O (€)——> Zn(OH),(s)+Mn,0,(s) 
The voltage of the cell is 1:5 V. 

10.5.3 Silver Oxide Battery 

These tiny.and rather expensive batteries Fig. (10.8) have become popular as 
power sources in electronic watches, auto exposure cameras and electronic calculators. 
The cathode is of silver oxide, Ag,O and the anode is of zinc metal. The following 
reactions occur in a basic electrolyte. 
Atthe anode Cap over anode 
Zn (s) +20H (aq) -Zn(OH), (s)+2e (oxidation) | ==> —~—__ Eicet 
Atthe cathode 
Ag,O(s)+H,O (£2) +2¢€—2Ag (s) +20H (aq) 


(reduction) 
The overall reaction is: 4 


od 
Zn(s)+Ag,0(s)+H,0 (2) Zn (OH), (s)+2Ag(6) ee ae 
The voltage of silver oxide battery is about 1.5 V. 





\ 
Metal cap 


: . Fig (10.8) A silver oxide battery 
10.5.4 Nickel Cadmium Cell (Rechargeable), 
A strong cell that has acquired wide spread use in recent years is the NICAD or 
nickel cadmium battery. It is a rechargeable cell. The anode is composed of cadmium, 
which undergoes oxidation in an alkaline electrolyte. 


Atthe anode . 
-Cd(s) + 20H (aq)  —> Cd(OH),+2¢ (oxidation) 
The cathode is composed Dash iO, which undergoes reduction. 
At the cathode 
NiO, (s) + 2H,0 © + 2¢ —. Ni(OH), (s) + 20H” (aq), (reduction) 
The net cell reaction during the dischargeis: — ier 


= Cd(s)+NiO, ONG O) aes _ Cd(OH), 6) + Ni(OH), (s)" * 
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Itis light weight. Voltage of the cell is 1.4 V. 


10.5.5 Fuel Cells (Rechargeable) 


Fuel cells are other means by which 
chemical energy may be converted into 
electrical energy. When gaseous fuels such 
as hydrogen and oxygen are allowed to © 
undergo a reaction, electrical energy can be 
obtained. This cell finds importance in 
space vehicles. The cell is illustrated in carbon electrod = 
Fig (10.9). The electrodes are hollow tubes Fig (10. 9) eck Oxygen Fuel cell 
made of porous compressed carbon impregnated with platinum, which acts as a catalyst. 
The electrolyte is KOH. At the electrodes, hydrogen is oxidized to water and oxygenis ~ 
reduced to hydroxide ions. 


[H, (g) +20OH (aq) — >» 2H,O(4)+2e]x2 (anode) 
O,(g)+2H,O(£)+4e —> 40H (aq) (cathode) 
2H, (g)+O,(g) —> 2H,O( (overall reaction) 


Such a cell runs continuously as long as reactants are supplied. 

_ This fuel cell is operated at a high temperature so that the water formed as a 
product of the cell reaction evaporates and may be condensed and used as drinking water 
for an astronaut. A number of these cells are usually connected together so that several 
kilowatts of power can be generated. 

The fuel cell produces electricity and pure water during space flights. Fuel cells 
are light, portable and sources of electricity. Many fuel cells do not produce pollutants. 
Some other cell reactions in fuel cell are: 

(i) | 2NH,(g)+3/20,(g) > N,(g) + 3H,0(g) 
Gi) N,H(g)+O(g) — N,(g)+ 2H,O(g) 
(iii) CH,(g) + 20,(g) —+ CO,(g) + 2H,O(g) 

Fuel cells are very efficient. They convert about 75% of fuels vee energy into 

electricity. 








KEY POINTS 


1, Electrochemistry is the branch of science which deals with the conversion of 
electrical energy to chemical enetgy and vice versa. ce 

2. Electrolytic conduction is carried out by the ions produced when os ionic 
compound is in fused state or dissolved in water. Electrolysis is the process in 
which a chemical reaction takes place at the expense of electrical energy. 
Electrolysis is used for the extraction of elements and for the commercial 
preparation of several compounds: Itis ale eta eae 
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3. 


4. 
5 


Q.1 
@ 


(ii) 
(iii) 
(iv) 


(v) 


A galvanic or a voltaic cell produces electrical energy at the expense of chemical 


energy. 

Electrode potential is developed when a metal is dipped into a solution of its own ions. 

The potential of standard hydrogen electrode is arbitrarily fixed as 0.00 volts. 
Electrode potential of an element is measured when it is coupled with standard 
hydrogen electrode. 

When elements are arranged in order of their standard electrode potentials on the 
hydrogen scale, the resulting list is known as electrochemical series. Electrochemical 
series is used to predict the feasibility of a redox chemical reaction. 

Modern batteries and fuel cells include lead accumulator, alkaline battery, silver 
oxide battery, nickel cadmium cell and hydrogen oxygen fuel cell. 

The oxidation number is the apparent charge which an atom has in a molecule. 
Redox chemical equations can be balanced using oxidation number method and ion 
electron method. 


EXERCISE 
Multiple choice questions. For each question there are four possible answers a, b, 
candd. Choose the one you consider correct. 
The cathodic reaction in the electrolysis of dil. H,SO, with Pt electrodes is: 
(a) reduction (b). oxidation 
(c)  bothoxidationandreduction (d) __ neither oxidation or reduction 
Which of the following statements is not correct about galvanic cell? 


(a) anodeisnegativelycharged (b)  reductionoccursatanode 


(c)  cathodeispositivelycharged (d) _ reduction occurs at cathode 
Stronger the oxidizing agent, greater is the: 

(a). oxidationpotential _ (b) reduction potential 

(c) redox potential (d)  E.M.Fofcell 

Ifthe salt bridge is not used between two halfcells, then the voltage: — 

(a) decreases rapidly (b) . decreases slowly 

(c)  doesnotchange (d)  dropstozero 

Ifa strip of Cu metal is placed ina solution of FeSO,: 

(a) Cuwillbe deposited (b)  Feisprecipitated out 

(c) CuandFeboth dissolve (d) _ noreaction takes place 


eps milidsbuinks 


i The oxidation number of O-atom is in OF, and is 


inH,O,. 


2 (ii) * Conductivity. of metallic conductors i is due to the flow of while 


that of electrolytes isdueto flow of _- ‘ 
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Q.4 


Q.5 


(iii) 


(iv) 
(v) 


(vi) 
Me) 


Reaction taking place at the is termed as oxidation and at the 
is called as reduction. ; 
is set up when a metal is dipped in its own ions. 
Cu metal the Cu-cathode when electrolysis is performed for 
CuSO, solution with Cu cathodes. 
The reduction potential of Zn is volts and its oxidation 
potential is volts, 
Inafuelcell, ~ react together in the presence of 


irk the following statements true or false. 


() 
(ii) 
(iii) 
(iv) 
(v) 
(vi) 
(vii) 
(viii) 
(ix) 
(x) 


(a) 
(b) 


(d) 


(a) 
(b) 
(i) 
(ii) 


In electrolytic conduction, electrons flow through the electrolyte. 
In the process of electrolysis, the electrons in the external circuit flow 
from cathode to anode. 
Sugar is a non-electrolyte in solid form and when dissolved in water will 
allow the passage ofan electric current. 
A metal will only allow the passage ofan electric current when itis in cold 
state. 
The electrolytic products of aqueous copper (II) chloride solution are 
copper and chlorine. 
Zinc can displace iron from its solution. 
S.H.E. acts as cathode when connected with Cu-electrode. 
A voltaic cell produces electrical energy at the expense of chemical energy. 
Lead storage battery is nota reversible cell. 
Chromium changes its oxidation number when K,Cr,0, reacts with Hel. 
Explain the term oxidation number with examples. 
Describe the rules used for the calculation of oxidation number of an 
element in molecules and ions giving examples. 
Calculate the oxidation number of chromium’ in the following 
compounds. ; 
(i) CrCl, (ii) Cr,(SO,), (iii) K,CrO, (iv) KCr, 0, 
(v) CrO, (vi) Cr, O, (vii) Cr,07 
(Ans: (1)+3, (+3, (i) +6 (iv )+6,(0) + 6(vi)+3) 
Calculate the oxidation numbers of the elements csi in the 
followingcompounds. — 
(i) Ca(ClO,), (ii) Na,CO, (iii) Na,PO, Gy) HNO, 
(v) Cr, (SO,), (vi) HPO, (vii) K,Mn0, ~ 
(Ans : (i) +5, (it) +4, (iii) +5, (iv) +5,.(v) +6 “wits Gi) +6) 
Describe the general rules for balancing a redox equation by oxidation 
number method. “ 
Balance the following equations by oxidation number method ~ ad 
Cu+HNO, —  Cu(NO,),+NO,+H,0 © dl o . mi 
Zn+HNO, > _Za(NO,),+NO-+H,O" © yn 
a7 S) a eee ASS ery 3 Bri) 
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(d) Lead accumulator its irable and undesirable features. 


(iii). Br,+NaOH —>+ © NaBr+NaBrO,+H,0 
(iv) | MnO,+HCl —>+ * © MnCl,+H,0+Cl, 

(v) FeSO,+#K,Cr,0,+H,SO; — >  Fe,SO,),+Cr,SO,),+K,SO,+H,O 
(vi) -HNO;+HI ” — NO+H,0+1, 

(vii) Cu+H,SO, —>+ CuSO, +S0,+H,0 

(viii) HI+H,SO, —>  1,+S0,+H,O 


(ix) | NaCI+H,SO,+MnO,— Na,SO,+MnSO,+H,0+Cl, 


Q6 (a) Describe the general rules for balancing a redox equation by ion-electron 
method. os : 
(b) Balance the following ionic equations by ion-electron method. 
(i) + ‘Fe*+Sn” —> Fe*+Sn* 
6. = Gi)» -Mn0,"(aq)+C,0,~ —> Mn” (aq) + CO,(g) 
| Gi) C07 +cr ja ols ims 2C¥"+30L, p70 
(iv) Cu +NO," sak Cu” +2NO, 
(v) Cr,0,+Fe” _> Cr*+Fe” (acidic media), 
(vi) $,07+0CI" =; cr +S,07 (acidic media) 
(vii) 10," +As0,> . — I +AsO,~ (acidic media) 
(viii) Cr*+Bi0," ae Cr,0,7 +3Bi" (acidic media) 
(ix) ' H,AsO,+ 207, — 3H,AsO, +2Cr” (acidic media) 
(x) CN'+Mn0O, — CNO +Mn0O,{s) (basic media) 
Q.7 _ Describe the ecto hits of molten sodium chloride, and a concentrated solution of 
: sodium chloride. 
Q.8 What is the difference between single electrode potential and standard electrode 
‘ potential?How can itbe measured? Give its importance. 
Q:9 __ Outline the important applications of electrolysis. Write the electrochemical reactions 
involved therein. Discuss the electrolysis of CuSO, using Cu-electrodes and AgNO, 
: solutionusing Ag-electrodes: 
Q.10 Describe the construction and working of standard hydrogen electrode. 
Q.11 Is the reaction Fe” + Ag — Fe” + Ag’ spontaneous? If not, write spontaneous 
__. reaction involving these species. 
Q.12 Explain the difference between: : 
(a) Ionization andelectrolysis (b) — Electrolyticcell and voltaic cell 
(c) Conduction through metals and molten electrolytes. 
Q.13 Describe a galvanic cell SPN the functions of electrodes and the salt 
bridge, - 
Q.14 Write comprehensive notes on’ 


Spontaneity of oxidation reduction reactions, 


Electrolytic c.conduction. 
Alkaline, silver oxide and nickel-cadmium batteries, fuel cell. 












Q.15 Will the reaction be spontaneous for the following set of half. reactions. -\ 


Ql6. 


What will be the value of E.,,? . . sj ete 
(i) Cr*(aq)+3e—Cr(s) ‘ ; ) 
(ii) | MnO,(s)+4H'+2e — Mn” (aq) +2H,0 (0 ae 
(Standard reduction potential for reaction eee oe A 
(i) = -0.74V and (ii)-= +1.28V).. SOS ae ? 
Explain the following with reasons. ow 
(a)  Aporous plate ora salt bridge is not required in lead pine cell. 
(b) The standard oxidation potential of Zn i is + 0. 76 Vv and its reduction 
potential is -0.76 V. Sr — 
(c) Na and K can displace hydrogen fromacids butPt, PdandCu cannot... 
(d) The equilibrium is set up between mesa stome of electrode and ions of 
metal ina cell. ¥ Ap > au 
(e) Acaltbridgemainsins the eletrcalneutaliyinthecdl. if Ang en es 
(f) Lead accumulator is a chargeable battery. — tite rer 4. 
(g) Impure Cu can be purified by electrolytic process. om content “= : 
(h) SHE acts as anode when connected with Cu-electrodebut as cathode with 
Zn-electtode, a Ape SE ANA Lp PORT 
MTL OIL. kha ah ase 3 ie Leesan fj. 159 annals 
carmen oaite 2 ena thoes Pedy ae 


STs & yore 4, awit a Fi a biaah 
“4 samoufts| zoe oR SA, Hs ites Si 2m 
due yehase 200 in toons vt seroei os 


i. a ccoadli 
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Chapter i 
__REACTION KINETICS 





It is acommon observation that rates of chemical reactions differ greatly. Many 
reactions, in aqueous solutions, are so rapid that they seem to occur instantaneously. For 
example, a white precipitate of silver chloride is formed immediately on addition of 
silver nitrate solution to sodium chloride solution. Some reactions proceed at a moderate 
rate, e.g. hydrolysis of an ester. Still other reactions take a much longer time, for 
example, the rusting of iron, the chemical weathering of stone work of buildings by 
acidic gases in the atmosphere and the fermentation of sugars. 

The studies concerned with rates of chemical reactions and the factors that affect 
them constitute the subject matter of reaction kinetics. These studies also throw light on 
the mechanisms of reactions, All reactions occur in single or a series of steps, Ifa reaction 
consists of several steps, one of the steps will be the slowest than all other steps. The 
slowest step is called the rate determining step. The other steps will not affect the rate. 
The rates of reactions and their control are often important in industry. They might be the 
deciding factors that determine whether a certain chemical reaction may be used 
economically or not. Many factors influence the rate of a chemical reaction. It is 
important to discover the conditions under which the reaction will proceed most 
economically. 

11.1 RATEOFREACTION 

During a chemical reaction, | 
reactants are converted into products. 
So the concentration of the products 
increases with the corresponding 

decrease in the concentration of the 
reactants as they are being consumed. 
The situation is explained graphically in 
Fig (11. 1). For the reactant A which is 
| ‘irreversibly to the product B. 
‘The. slope of the ee for the 
nt or the | pr uct is steepest at 
ning This ° 11,1) Change in 
shows a rab? Fig ( "products nth 






















the concentration of Feactaats maa : 
with time for the reaction A> B 
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decrease in the concentration of the reactant and consequently, a rapid increase in the : 
concentration of the product. As the reaction proceeds, the slope becomes less steep | 
indicating that the reaction is slowing down with time. It means that the rate of a reaction 
is changing every moment. The following curve for reactants should touch the time axis lf 
in the long run. This is the stage of completion of reaction. if 
The rate of a reaction is defined as the change in concentration of a reactant ora If 
product divided by the time taken forthe change. 
The rate of reaction has the units of concentration divided by time. Usually the 
concentration is expressed in mol dm™ and the time in second, thus the units for the 
reaction rate are mol dm’s". if 
change in concentration of the substance | 
time taken for the change 


For a gas phase reaction, units\of pressure are used in place of molar 
concentrations. It follows from the above. graph that the change in concentration of the 
reactant A or the product B is much more at the start of reaction and then it decreases 
gradually. So the reaction rate decreases with time. It never remains uniform during 
different time periods. It decreases continuously till the reaction ceases. 


; mol dm” ore 
Rate of reaction = ————— = mol dm™sec 
; seconds 


Rate of reaction = 


11.1.1 instantaneous and Average Rate 
The rate at any one instant during the interval is called the instantaneous rate. The 
rate of reaction between two specific time intervals is called the average rate of: reaction. 
The average rate and instantaneous rate are equal for only one instant m any time 
interval. At first, the instantaneous rate is higher than the average rate. At the end of the 
interval the instantaneous rate becomes lower than the average rate. As the time interval 
becomes smaller, the average rate becomes closer to the instantaneous rate. The average 
rate will be equal to the instantaneous rate when the time interval approaches zero. Thus 
the rate of reaction is instantaneous change in the concentration ofa reactant oraproduct 
ata given moment oftime. . ; As luhs, 
Rate of reaction = - : Ret crue 
Where dx is a very small change in the conceisGen ta ok 
interval dt. Hence, dx/dtis also called rate of change of: concentration with respect to time. 
The rate of a general reaction, A—B, can be expressed i In terms_ of rate_of 
disappearance of the reactant A or the rate of: appearance of the product B. Mathematically, ; 
«wh ~_ f 2 yape eee 
“ Rate of reaction= AI — + “ — fa a 
Where d[A] pr tbat scopes BE ' 
respectively. The negative sign in the term indicates a decrease in the cor concentra of 
. the reactant A. Since the concentration of prod ns eases DR HS 
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expression involving the change of concentration of product is positive 


11.1.2 Specific Rate Constant or Velocity Constant 

The relationship between the rate of a chemical reaction and the active masses, 
expressed as concentrations of the reacting substances is summarized in the law of mass 
action. It states that the rate of reaction is proportional to the active mass of the reactant or 
to the product of active masses of reactants if more than one reactants are involved ina 
chemical reaction. For dilute solutions, active mass. is. considered as equal to 
concentration. By applying the law of mass action to a general reaction. 

aA + bB —— cC+dD 


Rate of reaction =k [A]’ [B]? 
This expression is called rate equation. The brackets [ ] represent the 


_ concentrations and the proportionality constant k is called rate constant or velocity 


constant for the reaction. 
If [A]=1moldm” and[B]=1 moldm” 
Rate ofreaction=k x 1" x 1*=k 
Hence the specific rate constant of a chemical reaction is the rate of reaction when 
the concentrations of the reactants are unity. Under the given conditions, k remains 
constant, but it changes with temperature. 


11.1.3 Order of Reaction 
For a general reaction between A and B where ‘a’ moles of A and ‘b’ moles of B react to 
form “c’moles of Cand ‘d’ moles of D. 
aA + bB — cC+dD 
We can write the rate equation as: 


R=k [A]’ By 

The exponent ‘a’ or ‘b’ gives the order of reaction with respect to the individual 
reactant. Thus the reaction is of order ‘a’ with respect to A and of order b with respect to 
B. The overall order of reaction is (a+b). The order of reaction is given by the sum of all 
the exponents to which the concentrations in the rate equation are raised. The order of - 
reaction may also be defined as the number of reacting molecules, whose concentrations’ 
alter as a result of the chemical change. 

It is important to note that the order ofa reaction is an experimentally determined 
quantity and cannot be inferred simply by looking at the reaction equation. The sum of 
the exponents in the rate equation may or may not be the same as in a balanced chemical 
equation. The chemical reactions are classified as zero, first, second and third order 
reactions. The order of reaction provides valuable information about the mechanism ofa 


reaction. 
FpumblontBesctieusbhaye nan Ce - 
nn _ Decomposition o f nitrogen pentoxide involves the following equation. 


Mert«ap -- > ane (2) —> 2N,0, (8) +0, (g) 
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The experimentally determined rate equation for this reaction is as follows: 
Rate'=k[N,O,] 


This equation suggests that the, reaction is first onda with peanert to the 
concentration of N,O,,. 


2. Hydrolysis of tertiary butt bromide 
: CH, CH, 


CH,— C—Br+H,O. ———» CH,—C—OH+HBr 


CH, H, 
The rate equation determined experimentally for this reaction is: 
Rate=k{ (CH,); CBr] 

The rate of reaction remains effectively independent of the concentration of water 
because, being a solvent, it is present in very large excess. Such type of reactions have been 
named as pseudo first order reactions. 

Se Oxidation of nitric oxide with ozone has been shown to. be-first. order with respect to 
NO and first order with respect to O,. The sum of the individual orders gives the overall order of 
reaction as two. 


NO(g)+0,(g) —> NO, (a0, (g) 
Rate = k[NO][O,] 
4. Consider the following reaction 
2FeCl, (aq) + 6KI(aq) ——> 2Fel, (aq) +6KCI a +1, 
This reaction involves eight reactant molecules but ash Y it has been 
found to be a third order reaction. 
Rate = k{FeCl, [KI 
This rate equation suggests that the reaction is, in fact, taking place in more than 
one Steps. The possible steps of the reaction are shown below, | 


(FeCl, (aq) +2KI(aq), ia ‘Fel (aq)+2KCl(eq)+ Cl (aa) 
2K1(aq) +2CI (aq) ae 2KCl(aq)+h,() 9 


5. The order of a reaction is usually positive inte eer or a Zero, is jtcadatir bein: 

- fraction or can havea negative value. — po oe 
Consider the formation of carbon tetrachloride from <horofttan a A 
Cue! ,(O+Cl,(g):-—> -CCL(+HCl (ge). 7 

Rate=k [CHCI, JIC I Ss es atte von ai 
The sur of exponents willbe ii 5; sotheorderofthiseactioniah i We 
From the above examples, it is clear that order of reaction is x 10t) 1 

: denoting won cote oan is ei aaa anes 
expression. . aes 

A reaction is said'to be zero order if i 

reactant molecules, Photochemical re a 
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11.1.4 Half Life Period 

Half-life period of'a reaction is the time required to convert 50% of the reactants 
into products. For example, the half life period for the decomposition of N,O, at 45°C is 
24 minutes. 

It means that if we decompose 0.10 mol dm™ of N,O, at 45 °C, then after 24 
minutes 0.05 mol dm” of N,O, will be left behind. Similarly, after 48 minutes 0.025 
(25%) mol dm” of N,O, will remain unreacted and after 72 minutes (3 half times) 0.0125 
(12.5%) mol dm” of N,O,, will remain unreacted. 

Decomposition of N,O, is a first order reaction and the above experiment proves 
that the half-life period of this reaction is independent of the initial concentration of 
N,O,.Thisis true for all first order reactions. The disintegration of radioactive *U has 
a half-life of 710 million years. If one kilogram sample disintegrates, then 0.5 kg of it is 
converted to daughter elements in 710 million years. Out of 0.5 kg of *3;U, 0.25 kg 
disintegrates in the next 710 million years. So, the half-life period for the disintegration 
of aradioactive substance is independent of the amount of that substance. 

What is true for the half-life period of first order reactions does not remain true 
for the reactions having higher orders. In the case of second order reaction, the half-life 
period is inversely proportional to the initial concentration of the reactant. For a third 
order reaction, half life is inversely proportional to the square of initial concentration of 
reactants. 


i © 0.693 
[tin], « 2’ since [t,.], = =e 

le Pe 
[tel = a since [t,.], = ea 

1 1.5 
[tink « 2 since [tol = ka? 


Where [t,,],, [t,,]> , and [t,,], are the half-life sieas for Ist, 2nd and 3rd order 
reactions respectively and ‘a’ is the initial concentration of reactants. 


In general for the reaction of nth order: 
J 
[tin if SS an 


The half-life period of any order reaction is, thus, inversely proportional to the 
initial concentration raised to the power one less than'the order of that reaction. So, ifone 
- knows the initial concentration and half-life period of a reaction, then order of that 
reaction can be determined. - 
"Example a: Calculate the half-life period of the following reaction when the initial 


: of Hlis0.05M. 
ei. a : 
= ~er _ 2HI(g) —= H LO+L@ 
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The value of rate constant k= 0.079 dm’ mols” at 508 °C and rate expression is 
Rate=k[HI]’ 
Solution: According to the rate expression it is a second order reaction. The half life 
- paired ofa second order reaction is: 
] 1 
t 








1 eas 
Putting the value of k and a. 
© gs bee 
| 2)  kxa  (0.79dm? mol's") (0.050 moldm™) 0.079 X 0.05 





Answer 


So, in 253 seconds, the half of HI, i.e., 0.05/2=0.025 moles is decomposed. 





11.1.5 Rate Determining Step 

Finding out the rate equation of a reaction experimentally is so useful. 
Actually, it gives us an opportunity to look into the details of reaction, Rate equation of 
example (4) in article 11.1.3 showed clearly that the reaction is taking place i in more than 
one steps. There are many such reactions in chemistry which occur ina series of steps. 

Ifa reaction occurs in several steps, one of the steps is the slowest. The rate of this 
step determines the overall rate of reaction. This slowest step is called the rate 
determining or rate limiting step. The total number of molecules of reacting species 
taking part in the rate determining step appear in therate equation of the reaction. 


Letus consider the following reaction: A ents ; a 
NO, (g)+CO(g) —> NO (g)+CO, (e) Vas eager 
The rate equation of the reaction is found to be: . ) Ae, . 
Rate=k[NO,J. J ee: : 


This equation shows that the rate of reaction is indlenendent of the concentration 
of carbon monoxide. In other words the equation tells us that: roaoromi ae more than 
one steps and two molecules of NO, are inyolved 1 in the rate detern step. 
proposed mechanism for this reaction isas follows?’ ll 


1 rer 
NO, (g)+NO,(g) “> NO, @ Nl 
NO s(e)+CO(g) => ‘NO ( )+COxg 
The first step is the rate determining ee nd NO, v vhich di 
final balanced equation, is called the pe on intermed r 


 hasa temporary « existence and it is unstab 
Thisi isa a species: with: normal bonds and mat 


ee 
Sea ee 
“ 


a = 


ap wt 
. - 
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11.2 DETERMINATION OF THE RATE OF A CHEMICAL 
REACTION 


Determination of the rate ofa chemical reaction involves the measurement of the 
concentration of reactants or products at regular time intervals as the reaction progresses. ° 
When the reaction goes on, the concentrations of reactants decrease and those of 
products increase. The rate of a reaction, therefore, is expressed in terms of the rates at 
which the concentrations change. 


3 
Rate of reaction = ace enous an 
At ‘seconds. 
=moldm™ s” 


Suppose, the concentration of a reactant of any chemical reaction changes by 


0.01 mol dm” in one second, then rate of reaction is, 0.01 moldm” s” 
Table (11.1) Change in concentration of HI 
Rate of a chemical reaction always with regular intervals 


decreases with the passage of time during the 2HI(g)=H,(g) + 1,(g) 
progress of reaction. To determine the rate of : 

reaction for a given length of time, a graph is 
plotted between time on x-axis and HI (mol dm 

concentration of reactant on y-axis whereby a ; 

curve is obtained. 

To illustrate it, let us investigate the 
decomposition of HI to H, and I, at 508°C. 
Table(11.1) tells us that' the change in 
concentration of HI for first 50 seconds is 
0.0284 mol dm” but between 300 ta 350 sec, 
the decrease is 0.0031 moles dm”. By using 
the data, a graph is plotted as shown in 
Fig (11.2). The graph is between time on 
X-axis and concentration of HI in mol dm” on 
Y-axis. Since HI is a reactant, so it is a falling 
curve. The steepness of the concentration- _ 
time curve reflects the progress of reaction. 
Greater the slope of curve near the start of 
reaction, greater is the rate of reaction. 

In order to measure the rate of 
paction, draw a tangent say, at 100 seconds, — 
the curve and measure the slope of that _ 

ngen seep ffs ever ste rae of 

at pointi.e., after 100 seconds. A Hig (1.2) The change in HI 
triangleABCis completed witha _ enceudaation with ties tec tha reestion: ) 
1 sie pve ite “ZHN(g)=H, (9) + I, (@) at 508°C. 














EEE <<< 
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in 110 sec, the change in concentration is 0.027 mol dm” and hence, 


0.027mol dm ~ | 
Slope or rate = —————__—_—_ | 


110 sec 
=2.5 <x 10* mol dm™s™ 


This value of rate means that in a period of one sec in 1 dm’ solution, the 
concentration of HI disappears by 2.5 x 10“ moles, changing into the products. 

The right angled triangle ABC can be of any size, but the results for the rate of 
reaction will be the same. 

If we plot a graph between time on x-axis and concentration of any of the 
products, i.e., H, or L,, then a rising curve is obtained. The value of the tangent : at 100 
seconds will give the same value of rate of reaction as 2.5 x 10 ‘moldm”s . snl 

The change in concentrations of reactants or products can be determined by both 
physical and chemical methods depending upon the type of reactants or pray involved. 
11.2.1 Physical Methods 

Some of the methods used for this purpose cure the following: in these natn 
acurve has to be plotted as mentioned in 11.2. . The nature of the curve may oe rising for 
products and falling for reactants. Anyhow, the results will be same for the same reaction 
under the similiarconditions. : 
(i) Spectrometry ; 

This method is applicable if a reactant or a product absorbs ultraviolet, visible or 
infrared radiation. The rate of reaction can be measured by ARE the amount of 
radiation absorbed. ) ; yt 
(ii) Electrical ConductivityMethod wy 

The rate of a reaction involving ions can be studied by slectridal conductivity 
method. The conductivity of such a solution depends upon’ the rate of change of 
concentration of the reacting ions or the ions formed during the reaction. The 
conductivity will be proportional to the rate of changean ine concentration pteuaiis ions. 


ve 


(iii) Dilatometric Method : SF ld ST I, ES 
‘This method is usefill for those reactions, which involve small volum 

solutions. The volume change is directly pes tothe extent of reaction 

(iv) RefractrometricMethod ge " 
This method is applicable to reactions in shill the ere are ch han, wigeait 

refinctive indices ofthe substances taking partin ee smical react 

@)) - Optical Rotation: Method. >. -. TRIO 9 f 
In this method, the age ough wich lai 

reacting mintare is measured by ap polarimeter ‘The 


a 
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concentration of optically active substance. Ifany of the species in the reaction mixture is 
optically active, then this method can be followed to find out the rate of reaction. 
11.2.2 Chemical Method 

This is particularly suitable for reactions in solution. In this method, we do the 
chemical analysis ofa reactant or a product. 

The acid hydrolysis of an ester (ethyl acetate) in the presence of a small amount 


ofan acid is one of the best examples. 
CH,COOC,H,(¢)+H,0(¢) ===> CH,COOH () + C,H,0H (0) 

In case of hydrolysis of an ester, the solution of ester in water and the acid acting 
as a catalyst are allowed to react. After some time, a sample of reaction mixture is 
withdrawn by a pipette and run into about four 
times its volume of ice cold water. The dilution 
and chilling stops the reaction. The acid formed is} 
titrated against a standard alkali, say NaOH, using 
phenolphthalein as an indicator. The analysis is 
repeated at various time intervals after the start of] + 
reaction. This would provide an information 
about the change in concentration of acetic acid 
formed during the reaction at different, time 
intervals. The different concentrations of acetic 
acid are plotted against the time whereby a rising | . 
curve is obtained as shown in Fig(11.3). The slope 
of the curve at any point will give the rate of 
reaction. Initially, the rate of reaction is high but it 
decreases with the passage of time. When the Fig (11.3) Measurement of rate 
curve becomes horizontal, the rate becomes zero. of ester hydrolysis 

If we plot the graph for decreasing concentrations of CH, COOG.H,, then falling 
curves are obtained as shown in Fig (11.2). 

If we have any laboratory technique to record the changing concentration of ester 
or alcohol, we can measure the rate of the reaction. This is a pseudo first order reaction. 
Actually water being in large excess in comparison to ester does not affect the rate and we 
think that water is not taking part in the reaction. 

11.3 ENERGY OFACTIVATION 

For a chemical reaction to take place, the particles atoms, ions or molecules of 
reactants must form a homogeneous mixture and collide with one another. These 
collisions may be effective or ineffective depending upon the energy of the colliding 

: particles. When these collisions are effective they give rise to the products otherwise the 

particles just bounce back. The effective collisions can take place only when 
the colliding particles will possess certain amount of energy and they approach each 
piles ito ihe proper cnetisiion: 
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Bataatntietaet nares Ye 
The idea of proper orientation means that at the time of collision, the atoms which are 
required to make new bonds should collide with each other. The minimum amount of 
energy, required for an effective collision is called activation energy. 

If all the collisions among the reacting species at a given temperature are 
effective in forming the products, the reaction is completed in a very short time. Most of 
the reactions, are, however, slow showing that all the collisions are not equally effective. 

Let us study a reaction between molecules A, and B, to form anew molecule AB. 
If these molecules will have energy equal to or more than the activation energy, then upon 
collisions their bonds will break and new bonds will be formed. The phenomenon is 
shown in Fig (11.4). 


A—A A---A A A 
+ ——F Pee | 
B=5 Bis-=5 B B 
reactants activated complex products 
Fig. (11.4) Collisions of molecules, formation of activated complex and formation of products 


Activated complex is an unstable combination of all the atoms involved in the 
reaction for which the energy is maximum. It is a short lived species and decomposes into 
the products immediately. It has a transient existence, that is why it is also called a 
transition state. 

When the colliding molecules come close to each other at the time of collision, 
they slow down, collide and then fly 
apart. If the collision is effective then 
the molecules flying apart are 
chemically different otherwise’ the 
same molecules just bounce back. 
When the molecules slow down just 
before the collision, their kinetic 
energy decreases and thisresults in the 
corresponding increase in their 
potential energy. The process can be 
understood with the help of a graph 


between the path of reaction and the ; . . 
potential energy of the reacting i: Ci ear iTie eee am 
molecules. Fig. (11.5a,b), 52 , 
The reactants reach the peak of the curve to form the activated complex. E, is the 
energy of activation and it appears as a potential energy hill between the reactants and the 
products. Only, the colliding molecules with proper activation energy, will be able to 
climb up the hill and give the products. If the combined initial kinetic energy of the 
reactants is less than E,, they will be unable to reach the top of the hill and fall back 
chemically unchanged. sem ehh Pr oe Cease ask 
This potential energy diagram can also be used to study the heat evolved or — 
absorbed during the reaction. The heat of reaction is equal to the difference in potential 


—- -« - “J 
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energy of the reactants and the products. For exothermic reactions, the products are at a 
lower energy level than the reactants and the decrease in potential energy appears as 
increase in kinetic energy of the products Fig. (11.5a). For endothermic reactions, the 
products are at higher energy level than the reactants and for such reactions a continuous 
source of energy is needed to complete the reaction Fig. (11.5b). 


The energy of activation of forward and backward reactions is different for all the 
reactions. For exothermic reactions the energy of activation of forward reaction is less 
than that of backward reaction, while reverse is true for endothermic reactions. 

Energy of activation of a reaction provides a valuable information about the way 
areaction takes place and thus helps to understand the reaction. 


11.4 FINDING THE ORDER OF REACTION 

_ The order of a reaction is the sum of exponents of the concentration terms in the 
rate expression of that reaction. It can be determined by the following methods. 
(i) Hit and trial method 
(ii) Graphical method 
(iii) Differential method 
(iv) Half-life method 
(v) Method oflarge excess 
Here we will only discuss half-life method and the method of large excess. 
11.4.1 Half-Life Method 

As mentioned earlier, half life of a reaction is inversely proportional to the initial 

concentration of reactants raised to the power one less than the order of reaction. 


vet 
Therefore, (trade % er) 


Letus perform a reaction twice by taking two different initial concentrations ‘a,’ 
and ‘a,’ and their half-life periods are found to bet, andt, , respectively. 


t{« a” and tomcc at... 
1 ; n-1 2 
* A . ° - A; : t Le a, 
Dividing the two relations: = lhe 
2 1 
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So, if we know the two initial concentrations and two half life:values we can calculate the - 
order of reaction (n). 


Example 2: In the thermal decomposition of N,O at 760’ °C; the. time. required. to: 
decompose half of the reactant was 255 seconds at the initial pressure of 290immHg and. 
212 seconds at the initial pressure of 360 mm Hg. Find the order aes reaction:. 


Solution: 





The initial pressures of N,O(g) are the initial concentrations. 


Data a,=290mmHg t; =255 seconds. | 
a,= 360 mm Hg t,=212 seconds: 
Formula used 

log 4 

t, i 
n=1+ 

log * 

ay 








Putting the values in the above equation 





n=1+085=185 = 2 | ee 
1.85 is close to 2, hence the reactions of secondiondér: 2 














1.4.2 Method of Large Excess 

_ In this method, one of the reactants is taken io very small mmauntig 
to the rest of the reactants. The active masses of the sale ex 
constant throughout. That substance taker ote re 
isnoted with respect to that. { mtaeaO EES A 

The reason is that a small change in conic ent 

small amount affects the value of rate more appr 
as mentioned earlier shows that water being large: 
_ In this way, the reaction is cated by 
amounts one by one and ee 
eioovies atl 15.200 


————— = —= 
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11.5. FACTORS AFFECTING RATES OF REACTIONS 


All those factors which change the number of effective collisions per second, 
affect the rate ofa chemical reaction. Some of the important factors are as follows. 


11.5.1 Nature of Reactants 


The rate of reaction depends upon the nature of reacting substances. The 
chemical reactivity of the substances is controlled by the electronic arrangements in their 
outermost orbitals. The elements of I-A group have one electron in their outermost 
s-orbital. They react with water more swiftly than those of II-A group elements having 
two electrons in their outermost s-orbital. Similarly, the neutralization and double 
decomposition reactions are very fast as compared to those reactions in which bonds are 
rearranged. Oxidation-reduction reactions involve the transfer of lectrons and are 
slower than ionic reactions. 


11.5.2 Concentration of Reactants 


The reactions are due to collisions of reactant molecules. The frequency with 
which the molecules collide depends upon their concentrations. The more crowded the 
molecules are, the more likely they are to collide and react with one another. Thus, an 
increase in the concentrations of the reactants will result in the corresponding increase in 
the reaction rate, while a decrease in the concentrations will have a reverse effect. For 
example, combustion that occurs slowly in air (21 % oxygen) will occur more rapidly in 
pure oxygen. 

Similarly, limestone reacts with different concentrations of hydrochloric acid at 
different rates. In the case of a gaseous reactant, its concentration can be increased by 
increasing its pressure. Therefore, a mixture of H, and Cl, will react twice as fast if the 
partial pressure of H, or Cl, is increased from 0.5 to 1.0 atmosphere in the presence of 
excess of the other component. 

The effect of change in concentration on the rate of a chemical reaction can be 
easily understood from the following gaseous reaction. 


2NO (g) + 2H, (g) —» 2H,0(g) +N, (g) 
In this reaction, four moles of the reactants form three moles of the products, so 
the pressure drop takes place during the progress of reaction. The rates of reaction 
between NO and H, at 800°C are studied by noting the change in pressure. The following 


Table (11.2) has been obtained Table (11.2) Effect of change in 














experimentally forthe above reaction. pa ane 
Table (11.2) shows the results of six reactants on the rate of reaction 
experiments. In the first three experiments the [H,] in Initial rate 
concentration of H, is increased by keeping a dors eel 





the concentration of NO constant. By 
doubling the concentration of H,, the rate is 
doubled and by tripling the concentration of 
H,, the rate is tripled. So, the rate of reaction 


is directly proportional to the first power of 
concentration of H,. - 


mol dm-? 
0.006 
0.006 


Rate « [H,] 
In the next three experiments, the concentration of H, is kept constant. By 
doubling the concentration of NO, the rate increases four times and by tripling the 
concentration of NO the rate is increased nine times. So, the rate is proportional to the 
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square of concentration of NO. 

f 


Rate « [NO]? 
The overall rate equation of reaction is, 
Rate « [H,][NO} } 
or Rate = k[H, ]' [NOJ’\ 


Hence, the reaction is a third order one. This final equation is the rate law for this 
reaction. It should be kept in mind that rate law cannot be predicted from the balanced 
chemical equation. This set of experiments helps us to determine the order of reaction as 
well. The possible mechanism consisting of two steps for the reaction is as follows: 


(i) 2NO(g) + H,(g)—*"~ N,(g)+H,0, (g) (rate determining) 
(ii) H,0,(g) + H,(g) “> 2H,0 (g) 

The step (i) is slow and rate determining, 

11.5.3 Surface Area . 

The increased surface area of reactants, increases the possibilities of atoms and 
molecules of reactants to come in contact with each other and the rates enhance. For 
example, Al foil reacts with NaOH moderately when warmed, but powers Al reacts 
rapidly with cold NaOH and H, is evolved with frothing. 

2Al+ 2NaOH + 6H,O —> 2NaAl(OH),+3H, : 

Similarly, CaCO, in the powder form reacts with dilute H, SO, more efficiently 

than its big pieces. 


11.5.4 Light 


Light consists of photons having definite amount of energies depending upon 
their frequencies. When the reactants are irradiated, this energy becomes available to 
them and rates of reactions are enhanced. The reaction of CH, and Cl, requires light. The. ~ 
reaction between H, and Cl, at ordinary pressure is negligible in darkness, slow in 
daylight, but explosive in sunlight. Similarly, light is vital in photosynthesis, andthe rate - 
is influenced by light. 


11.5.5 Effect of Temperature on Rate of Reaction 


The collision theory of reaction rates convinces us that the rate of a fa res 
Proportional to the number of collisions among the reactant molecules. 
can increase the frequency of collisions should increase the rate. We 
every collision does not lead to a reaction. Fora collision, to b to be eff 


must possess the activation cuca an ey oriented. | 
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chemical reactions, the activation energy is quite 
large and at ordinary temperature very few Y 
molecules are moving fast enough to have this 
minimum energy. 

All the molecules of a reactant do not 
possess the same energy at a particular temperature. 
Most of the molecules will possess average energy. 
A fraction of total molecules will have energy more 
than the average energy. This fraction of molecules 
is indicated as shaded area in Fig(11.6). —A t— 

As the temperature increases, the number Reon lee 
of molecules in this fraction also increases. There 
happens a wider distribution of velocities. The Fig (11.6) Kinetic energy distributions 
curve at higher temperature T, has flattened. It for a reaction mixture at two different 
shows that molecules having higher energies have utebarpaer teas = or bra Dips 
increased and those with less energies have {4 the total fraction of the molecules 
decreased. So, the number of effective collisions that possess the minimum activation 
increases and hence the rate increases. When the _ energy. 
temperature of the reacting gases is raised by 10 K, 
the fraction of molecule with energy more than E, 
roughly doubles and so the reaction rate also doubles. Arrheinus has studied the 
quantitative relationship between temperature, energy of activation and rate constant ofa 
reaction. 


11.5.6 Arrhenius Equation 


Arrhenius equation explains the effect of temperature on the rate constant of a 
reaction. The rate constant ‘k’ for many simple reactions is found to vary with 
temperature. According to Arrhenius: 


AC a mpRWer ees ait) Yoni (1) 

So, *k’ is exponentially related to activation energy (E,) and temperature (T). Ris 
general gas constant and ¢ is the base of natural logarithm. The equation shows that the 
increase in temperature, increases the rate constant and the reactions of high activation 
energy have low ‘k’ values. The factor ‘A’ is called Arrhenius constant and it depends 
upon the collision frequency of the reacting substances. This equation helps us to 
determine the energy of activation of the reaction as well. For this purpose, we take 
natural log of Arrhenius equation, which is expressed as /n . The base of natural log is ‘e’ 


v1 






Fraction of molecules 
© WithagivenKE uu, 


i 


and its value is 2.718281. 
Now, take natural log on both sides 
Ink=In(Ae™™") 
e Ink= In A+ Ine 
of aon Tike AGE ee NEL bo yediror.er | ot 
. Site ©*  Ine=1 (log of a quantity with same base is unity) 
rh LEA leo od Ste : A Ube teird> wt ee (2) 


ere aa ibe 
4 in ‘  ouedak=—mAw> 
‘Therefore, Ink ae nA 
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The equation (1) is the equation of straight line, and from the slope of straight line 
E, can be calculated. In order to convert this natural log into common log of base 10, we 
multiply the /nterm way 22303; - = 





Dividing the whole equation by 2.303 





-E, 
log k= +log: A. 2 0 Se 3 
Sa 2303R Tae ©) 
This equation (3) is again the equation of straight line resembling. 
y=-mx+c 


Where ‘m’ is slope of straight line and ‘c’ is the intercept of straight line. 
Temperature is independent variable in this equation while rate constant k is specu 
variable. The other factors like E,, R and A are constants for a given reaction. 








1 
When a graph is plotted between — on x-axis and log kony-axis, a straight line is 


T 


obtained with a negative slope. Actually, = has negative sign so the straight line has 


two ends in sécond and fourth quadrants, Fig. (11.7). The slope of the straight line is 
measuréx} by taking the tangent of that angle @ which this straight line makes with the - 
X-axis. To measure the slope, draw a line parallel to X-axis and measure angle 0. Take tan 0 


which is slope. This slope is equal to BEERS 
2.303R - 







Tan 0= -slope of straight line (a negative quantity, 


FAT ie f8: Antal ere Tes 
+ ic 5m ; 








ai) hep , 





ory ie vo 
Pe. Ante ey fa 
" Ty iT waite 

-J303R =3 NO 
Therefore, Dre 895 +ht lin iaBey: sil = 
The straigh 









sof ‘Slope 
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Example3: 


A plot of Arrhenius equation Fig (11.8 ) for 


the thermal decompositions of N,O, is shown in the 


Chemistry-XI 











following figure. The slope is found to be -5400 K. \ = -SA00K 
Calculate the energy of activation of this reaction. Ne 
; : \ 
Solution: \ 
(i) + Thereactionis = t Fee 
NO, = 2NO, + 1/20, 5 
Slope of the straight line = -5400 K re uceeracidien at pec? 
Equation used, E,=-slopex 2.303R 
e -I -1 Y 
R=8.3143JK mol > VAN 
Putting the values, 2, /€,=103.4k) mol 
E=-(-5400K)x 2.303 x 8.3143 JK'mol" at/4__ Ne Ae 
E=+103410J mol" [No —__ \[att=ve 
E=103.410kJ mol" | 2NO;+ 1/20, 


Hence, the decomposition of N,O, needs 
103.4 kJ mol” energy more than the average 


O —+ Reaction coordinate 


Fig (11.9) Potential energy 


energy to cross the energy barrier, Fig(11.9). diagram of N,O, decomposition 


CATALYSIS 
A catalyst is defined as a substance which alters the rate of a chemical reaction, 
but remains chemically unchanged at the 
end of the reaction. A catalyst is often 
present in a very small proportion. For 
example, the reaction between H, and O, 
to form water is very slow at ordinary © 
temperature, but proceeds more rapidly in 
the presence of platinum. Platinum acts 


11.6 





as a catalyst. Similarly, KCIO, , SHEP y 
decomposes much more rapidly in. the "Fig (11.10) Catalyzed and 
presence of a small amount of MnO,. HCI Taare aa eae 


A is oxidised to Cl, in the presence of CuCl.. 
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CuCl, 
4HC1 +0, ——*+ 2H,0 +2Cl, 


The process, which takes place in the presence ofa catalyst, is called catalysis, 

A catalyst provides a new reaction path with a low activation energy barrier, 
Fig (11.10). A greater number of molecules are now able to get over the new energy 
barrier and reaction rate increases. 


Types of Catalysis 
(a) Homogeneous Catalysis 
(b) Heterogeneous Catalysis 


(a) Homogeneous Catalysis 
In this process, the catalyst and the reactants are in the same phase and the 
reacting system is homogeneous throughout. The catalyst is distributed uniformly 
throughout the system. For example: 
(1). The formation of SO, (g) from SO, (g) and O, (g) in the lead ckaaabenorabee for 
the manufacture of sulphuric acid, needs NO (g) asa gee Boe the reactants 
and the catalyst are gases. 


fi 280, (g) +0,(g). = a 280, @- ze 5 


Gi). Esters-are hydrolysed in the presence of H,SO,,. Both the reactants and the 
catalyst are in the solution state. 



























CH,COOC,H, (aq) + H,O(2) a, CH,COOH(aq) + C.H,08—9) 

(b) HeterogeneousCatalysis 

In such systems, the catalyst and the reactants are in different hae Mostly, the _ 7 
Catalysts are in the solid phase, while thereactans are inthe gaseous or quid phase For ~ine 
example: pepe jae « 
@). Oxidation of ammonia to NO i in the SEES of platinum Bey helps us to 

manufacture HNO,. che RT a 4 

ANH) +50,(@) 2 4NO(@) +6H,0(@) Py 

(ii) "Hydrogenation of unsaturated organic c ysed by finely divided t 4 

Ni,PdorPt. | tReataine Sey f 

C=C, @ +H, @ A 
J 4 y OReee 

1.6.4 y Tike atomiutiee of ‘a€atalyst. 

There are many types of c: 


following features are common to1 fo mo: 







—— ee ‘ 9 ee 
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1. 


A catalyst. remains unchanged in mass and chemical composition at the end of 
Teaction.'Itmay:notremain in the same physical state. MnO, is added as a catalyst 
‘for the:\decomposition of‘KCIO, in the form of granules. It is converted to fine 
‘powder atithe end.ofireaction. It has been found in many cases that the shining 
surfaces ofthe solid catalyst become dull. 

Sometimes, ‘we need:a trace ofa metal catalyst to affect very large amount of 
reactants. For example, 1 mg of fine platinum powder can convert 2.5 dm’ of H, 
and 1.25 dm’of O, to:water. Dry HCl and NH, don’t combine, but in the presence 
of trace of moisture, they give dense white fumes of NH,Cl. Thousands of dm’ of 
H,0,, canbe decomposed in the presence of 1 g of colloidal platinum. 

‘A catalyst is ‘more affective, when it is present in a finely divided form. For 
example, alump ofplatinum will have much less catalytic activity than colloidal 
yplatinum. In the hydrogenation of vegetable oils finely divided nickel is used. 

A catalyst cannot affect the equilibrium constant of a reaction but it helps the 
equilibrium to be established earlier. The rates of forward and backward steps are 
‘increased equally, 

‘A catalyst cannot start a reaction, which is not thermodynamically feasible. It is 
‘now considered ‘that a catalyst ‘can initiate a reaction. The mechanism of a 
‘catalysed reactionis different from that of an uncatalysed reaction. 

A catalyst is specific in its action. When a particular catalyst works for one 
‘reaction, it may not necessarily work for any other reaction. If different catalysts 
are/used for the same reactant then the products may change. For example: 
‘formic acid is decomposed iby Al,O, to H,O and CO while Cu causes its 
‘decomposition to'H, and CO.,. 


HCOOH —~2, HO + CO 
HCOOH —“, H, + CO, 


Temperature affects'the role.of a catalyst. Some catalysts are physically altered 
‘by achange in temperature and hence their catalytic power will be decreased. For 
example, colloidal catalysts like platinum may be coagulated with the rise in 
temperature. 

Catalytic poisoning happens due to presence of trace amounts of foreign 
‘substances which:render them ineffective. Such substances are called poisons. 
The poisoning of a catalyst may be temporary or permanent. In permanent 
‘poisoning, the poison reacts chemically with the catalyst. The compounds of 

behave.as poisons to many metallic catalysts. For example: 

The presence of CO asian impurity with hydrogen decreases the catalytic activity 
"sprocess for the manufacture of NH,. 





| The manufacture of H;SO, in the:contact process needs platinum as as a catalyst. 
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The traces of arsenic present as impurities in the reacting gases makes platinum | 
ineffective. That’s why arsenic purifier is employed in the contact process. | 


11.6.2 Activation of Catalyst 
Such a substance which promotes the activity ofa catalyst is called a promotor or 

activator. It is also called “catalyst fora catalyst”. For example: 

(i) Hydrogenation of vegetable oils is accelerated by nickel. The catalytic activity 

-of nickel can be.increased by using copper and tellurium. 

(ii) | In Haber’s process for the manufacture of ammonia, iron is used as a catalyst. If 
small amounts of some high melting oxides like aluminum oxide, chromium 
oxide or rare earth oxides are added, they increase the efficiency ofiron. 


Negative Catalysis 
When the rate of reaction is retarded by adding a substance, then it is said to be a 
negative catalyst or inhibitor. For example, tetraethyl lead is added to petrol, 
because it saves the petrol from pre-ignition. 


Autocatalyst 
In some of the reactions, a product formed acts as a catalyst. This phenomenon is 
called autocatalysis. For example: 

(i) | When copper is allowed to react with nitric acid, ‘the reaction is slow in the 
beginning. It gains the speed gradually and finally becomes very fast. This is due 
to the formation of nitrous acid during the reaction, which accelerates the 
process. 

(ii) The reaction of oxalic acid with acidified KMn0, is slow at the beginning, but 
after sometimes, MnSO, produced in the reaction makes it faster. 


2KMnO, + 3H,SO, + 5(COOH), _Mni" . K,SO, +2MnSO, +10C0,+8H,0 





11.6.3 Enzyme catalysis 
Enzymes are the complex protein molecules and eile the organic reactions in 
the living cells. Many enzymes have been identified and obtained m the pure i = 
crystalline state. However, pe fine enzyme was prepared’ in the LE: a 
1969. Forexample: 
(i) Urea undergoes hydrolysis into NH, and C0, i in the présence aiaayal urease 
“Present in soyabean.. 







TTT een 


ee - en 
—seeitfee pi hott rience Te ae 
H,N—C—NH, +H,0 ree? 2NH, +! r) 
(ii) Concentrated sugar solution undergoes hydrolysis into gh oo 
: piper nencapem* : vont 
Invertase_ + CH Pe ec 

7) iol ad on | _ C,H,O ytd H,0 . es — tC, ; 
Jeeaes thi at dct srecmedth Ab - 
il) oe erted into ethanol by 


| =e 









> 






Chemistry XT 
C,H,,0, —™* 2c,H,OH + 2CO, 

Enzymes have active centres on their surfaces. 

The molecules of a substrate fit into their cavities just as 

a key fits into a lock Fig. (11.11). The substrate 

molecules enter the cavities, form the complex, reactants 


and the products get out of the cavity immediately. 
Michaulis and Menter(1913) proposed the 


following mechanism for enzyme catalysis 





E+S = ES eee EE : Fig. (11.11) Lock and key 
Where E=enzyme, S=substrate (reactant) model of enzyme catalysis 
ES = activated complex, P=product 


11.6.3. Characteristics of Enzyme Catalysis 

The role of enzyme as catalysts is like inorganic heterogeneous catalysts. They are 
-unique in their efficiency and have a high degree of specificity. For example: 

(i) Enzymes are the most efficient catalysts known and they lower the energy of 
activation ofa reaction. 

(ul) _ Enzymes catalysis is highly specific, for example, urease catalyses the hydrolysis of 
urea only and it cannot hydrolyse any other amide even methy] urea. 

(ui) | Enzyme catalytic reactions have the maximum rates at an optimum temperature. 

(iv) | The pH of the system also controls the rates of the enzyme catalysed reaction and the 
rate passes through a maximum at a particular pH, known as an optimum pH. The 
activity of enzyme catalyst is inhibited by a poison. 

(v)  Thecatalytic activity of enzymes is greatly enhanced by the presence of a co-enzyme 


or activator. 
KEY POINTS 

1. The studies concemed with rates of chemical reactions and factors that affect the 
tates of chemical reactions and the mechanism of reactions constitute the subject 
matter of reaction kinetics.. 

ve The rate of a reaction is the change in the concentration of a reactant or a product 
divided by the time taken for the reaction. The rate of reaction between two specific 
time intervals is called the average rate of reaction. While the rate at any one instant 
during the interval is called the instantaneous rate. Rate constant of a chemical 
reaction is rate of reaction when the concentrations of reactants are unity. 

3. Order of reaction is the sum of exponents of the concentation terms in the rate 

of a chemical reaction. The exponents in the expression may or may not 

be different from the coefficients of the chemical equation. Order of a reaction may 
be zero, whole number or fractional. 


4. “Half-life period of a reaction is the time required to convert 50% of the reactants into 


: 


= 


"products. Half-life period of any reaction is inversely proportional to the initial 
" concentration raised to the power one less than the order of that reaction. 


“~ 


REACTION KINETICS Chemistry-XI 


5. 


6. 


10. 


Ql 
(i) 


(ii) 


(iit) 


(iv) 





The step which limits how fast the overall reaction can proceed, is known as the rate 
determining step. 

Determination of the rate of a chemical reaction involves the measurement of the 
concentration of reactants or products at regular time intervals during the progress of 
reaction. The change in concentration of reactants and products can be determined by 
both physical and chemical methods. 

The effective collisions between the colliding species will take place only when the 
reactant molecules possess minimum amount of energy, which is called the energy of 
activation. Moreover, proper orientation is also necessary. 

All those factors, which change the number of effective collisions per second, affect 
the rate of chemical reaction. Some of the important factors are, nature and 
concentration of reactants, surface area, light, temperature and catalyst. 

A catalyst is a substance, which alters the rate of a chemical reaction, but itself 
remains chemically unchanged at the end of reaction. The process when the catalyst 
and the reactants are in the same phase is said to be a homogenous catalysis. In case 
of heterogeneous catalysis, the catalyst and the reactants are in different phases. A 
substance, which promotes the activity of a catalyst, is called promoter or activator. 
In certain reactions, a product formed acts as a catalyst, the phenomenon is called 
auto-catalysis. 

Enzymes are the complex protein molecules, which catalyze the reactions in the 
living cells. 


EXERCISE 

Multiple choice questions. 

In zero order reaction, the rate is independent of: 

a) temperature of reaction (b) concentration of reactants, 

c) concentration of products (d) none of these 

If the rate equation of a reaction 2A + B — products is, rate =K(AT [B], and A is 
present in large excess, then order of reaction is: 

a) | (b) 2 (c) 3 (d) none ofthese 

The rate of reaction: 

a) increases as the reaction proceeds. 

b) decreases as the reaction proceeds. 

¢) remains the same as the reaction proceeds. 

d) may decrease or increase as the reaction proceeds. 

With increase of 10°C temperature the rate of reaction doubles. Tis ines inate 
of reaction is due to: . 


a) decrease in activation energy of reaction. st oe a 
b) decree in the mumiber of collisions between Tosa ORME 
c) increase in activation energy ofreactants. © == tl oe 


d) increase in number of effective collisions. 7 
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(v) 


The unit of the rate constant is the same as that of the rate of reaction in: 
(a) first order reaction. (b) second order reaction. 

(c) zeroorderreaction.  § (d) third order reaction. 

Fill in the blanks with suitable words. 


_ Therate of an endothermic reaction with the increase in temperature. 


All radioactive disintegration nuclear reactions are of order 

Fora fast reaction the rate constant is relatively and half - life is 

The second order reaction becomes if one of the reactants is in large excess. 
Arrhenius equation can be used to find out ofa reaction. 

Indicate true or false as the case may be. 

The halflife ofa first order reaction increases with temperature. 

The reactions having zero activation energies are instantaneous. 

Acatalyst makes a reaction more exothermic. 


_ There is difference between rate law and the law of mass action. 


The order of reaction is strictly determined by the stoichiometry of the balanced 


equation. 
What is chemical kinetics? How do you compare chemical kinetics with chemical 


equilibrium and thermodynamics. 

The rate of a chemical reaction with respect to products is written with positive sign, 
but with respect to reactants is written with a negative sign. Explain it with reference 
to the following hypothetical reaction. 

aA + bB — cC+dD 

What are instantaneous and average rates? Is it true that the instantaneous rate of a 
reaction at the beginning of the reaction is greater than average rate and becomes far 
less than the average rate near the completion of reaction? 

Differentiate between 

Rate and rate constant ofa reaction 

_ Homogeneous and heterogeneous catalyses 

Fast step and the rate determining step 

Enthalpy change of reaction and energy of activation of reaction 

Justify the following statements 
Rate of chemical reaction is an ever changing parameter under the given conditions. 
The reaction rate decreases every moment but rate constant “k’ of the reaction is a 
constant quantity, under the given conditions. 

Sees ene ical pgicneetion completes in.onc how, phe resnatuing 50% 
needs more than one hour to complete. 
The radioactive decay is always a first order reaction. 

COSTE BU con eiineont eal but the unit of rate 
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(vii) The order of a reaction is obtained from the rate expression of a reaction and the rate 
expression obtained from the experiment. 

Q9. Explain that half-life method for measurement of the order of a reaction can help us 
to measure the order of even those reactions which have a fractional order. 

Qi0. ~A curve is obtained when a graph is plotted between time on x-axis and 
concentrationon y-axis. The measurement of the slopes of various points give us 
the instantaneous rates of reaction. Explain with suitable examples. 

Qll. The rate determining step of a reaction is found out from the mechanism of that 
reaction. Explain it with few examples. 

Q12. Discuss the factors which influence the rates of chemical reactions. 

Q.13. Explain the following facts about the reaction. 
2NO(g)+2H,(g)  —  2H,O(g)+N,(g) 

(i) The changing concentrations of reactants, change the rates of this reaction. 

(ii) Individual orders with respect to NO and H, can be measured. 

(iii) | The overall order can be evaluated by keeping the concentration of one of the 
substances constant. 

Q14. The collision frequency and the orientation of recat are necessary conditions for 
determining the proper rate of reaction. Justify the statement. . 

Q.15. How does Arthenius equation help us to calculate the energy of activation ofa reaction? 

Q16. Define the following terms and give examples : | 


69) Homogeneous catalysis (ii) | Heterogeneous catalysis 
(iii) Activation ofa catalyst (iv) | Auto-catalysis 
(v) Catalytic poisoning (vi) | Enzyme catalysis 





QI17. Briefly describe the following with examples 

(i) Change of physical state ofa catalyst at the end of reaction. 

(ii) | Avery small amount ofa catalyst may prove sufficient to carry out a reaction. 

(iii) A finely divided catalyst may prove more effective. 

(iv) Equilibrium constant of a reversible reaction is not changed in the presence of a 
Catalyst, 

(vy) Acatalystis specific in its action. 

QI8. What are enzymes? Give examples in which they act as catalyst. Mention the 
characteristics of enzyme catalysis. 

QI9. Inthe reaction of NO and H,, it was observed that equimolecular mixture of gases at 

340.5 mm of Hg pressure was half changed in 102 seconds. In another experiment — 

with an initial pressure of 288 mm of Hg, the reaction was balk comune 14 

seconds. Calculate the order of reaction. (Ans:2,88) _ 

R20: eed of chemical kinetics ofa reaction ‘ 
















” 
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Q21. Some reactions taking place around room temperature have activation energies 


around 50kJ mol”. -E, 
|@ — Whatis the value of the factor @** at25°C? (Ans: 1.72 x 10°) 
Gi) - Calculate this factor at 35 °C anat 45°C and note _ the increase in this factor for every 
10°C rise in temperature. (Ans:3.31 x 10”) 
(iii) ~° Prove that for every 10°C rise in of temperature, the factor doubles and so rate 
constant also doubles. : (Ans:6.12 107) 


Q22. H, and I, react to produce HI. Following data 
forrate constant at various temperatures (K) 


Rate constant 
 «K« cm? mot's-) (k 





Ms has been collected: i 
@ Plea ebay an on xxi and log kon 6.814 x 10* 
z the y-axis. 2.64 x 10? 
i) Measure the slope’ of this straight line and 0.56 x Ly 
__ calculate the energy for activation of this ab 
~ reaction. 66.67 x 10 
ns: 8326.32, 160.6 mol") 
ay lisiae») or 
om = ‘oneguak iy | ree 
cee I mebociy 
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GLOSSARY 


Absolute zero: The temperature of -273.16 °C at which the volume of a gas 
theoretically becomes zero is called absolute zero. It is taken | 
as Zero on the kelvin scale of temperature. 





Actual yield: Actual yield is the amount of the product actually obtained in a 
chemical reaction. 

Amorphous solids: Those solids in which the structural units i.e. atoms, ions or 
molecules are fixed in their positions but are not regularly 
arranged. 

Anisotropy: It is the variation of a certain physical property with direction. 


Atomicabsorption spectrum: | Whena beam of white light is passed through the vapours or a 
gas, the element absorbs certain wavelengths, while rest of the 
_wavelengths are passed through it. The spectrum of this 
radiation is called atomic absorption spectrum. The missing 
wavelengths appear as dark lines in the spectrum. ae 
Atomic emission spectrum: It is the spectrum formed by the elements or their compounds 
when they are heated in a flame. The spectrum consists of a 
series of bri ght lines with a dark background. 


Atomic radius: If an atom is assumed to be spherical then the atomic : size 
TT ese on means the average distance between the nucleus of the atom 
aa ____ and its outermost shell. This distance is called vata 

and it can not be measured precisely. 7 
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Azimuthal quantum number: 


Balmer series: 
Boiling point: 


Bondenergy: 
Bond order: 


Boyle’s law: 
. Brackett series: 


Catalyst: 


Cathode rays: 


Charles ’slaw: 
Chromatography: 
Colligative properties: 
Common ion effect: 


Conjugate arid of the base: 


: Conjugate base ofthe acid: 


ite we <— 


Pte = 
— F— 


The quantum number that defines the shape of the orbital of 
an electron. 

A series of lines present in the visible region of hydrogen 
spectrum formed when an electron jumps from higher orbits to 
the 2™ orbit. 

The temperature at which the vapour pressure of a liquid 
becomes equal to the external pressure, is called boiling point 
of the liquid. 

The average amount of energy required to break all bonds of a 
particular type in one mole of the substance. 

Half of the difference between the number of bonding electrons 
and anti-bonding electrons. 

The volume of the given mass of a gas is inversely proportional 
to the pressure of that gas when the temperature is kept 
constant. 

A series of lines in the infra red region of hydrogen spectrum 
formed when the electron jumps from higher orbits to the 
fourth orbit. 

The substance which alters the rate of a chemical reaction but 
remains chemically unchanged at the end of reaction. 
Negatively charged rays which originate from the cathode 
when electricity is passed through a gas at very low 
pressure. — 

The volume ofa given mass of a gas is directly proportional to 
absolute temperature when the pressure is kept constant. 
It is a method used for the separation of components of a 
These are the properties of solutions that depend only on the 
number of solute and solvent molecules orions.. 

The decrease in the solubility of an electrolyte in ina solution in 
the presence ofa common ionis called common ion, effect. 

The positively charged i ion produced by; the ‘aeceptance of a 
proton by abase is the conjugate acidofthebase. 


_ The negatively charged ions or a neutral species produced by 


the release of ‘proton is the conjugate base of the compound 


ware ba 


_ releasing the ‘proton. 
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Covalent crystals: 


Covalent radius: 


Critical temperature: 


Crystal lattice or space lattice: 


Crystal: 


Crystallization: 


Dalton’s law of partial pressures: 


' Diffusion of gases: 


Dipole moment: 


Dipole: 
Dipole-Dipole forces: 


Discharge tube: 


Effusion of gases: 


Electrochemical cell: 


Electrode potential: 


Electrolysis: 


- Chemistry-XI 
Those crystals in which the non-metallic atoms are held 
together in a network of single covalent bonds. 
Itis half the length ofa covalent bond between two atoms. 
That temperature ofa gaseous substance above which it cannot 
be converted into the liquid state no matter how much the 
pressure is applied on it. 
A particular three dimensional arrangement of particles i.e. 
atoms, ions or molecules ina crystal is called a crystal lattice or 
space lattice. 
A three dimensional shape bounded by plane surfaces which 
intersect at definite angles with each other. 
A process in which a crude product is purified and obtained in 
the form of crystals. . 
Total pressure of a mixture of gases is equal to the sum of the 
partial pressures ofall the gases in the mixture. 
The spontaneous mixing of the molecules of different gases by 
random motion and collisions to form homogeneous mixture is 
called gaseous diffusion. 
It is a.product of charge and the distance between the positive 
and negative centers present in a compound. 
Partial separation of charges on a bond between two atoms. 
The attractive forces between the positive end of one molecule 
and the negative end of the another polar molecule are called 
dipole-dipole forces. 
A glass tube containing a gas at low pressure provided with 
electrodes for the passage of electricity through the gas. 
The passage of the gas molecules one by one without collisions 
through a pin hole in their container into an evacuated space is 
called effusion. 
Itis a system consisting of electrodes dipped into an electrolyte 
that undergoes a chemical reaction by using or for generating 
electric current. 
It is the tendency of a metal to form its ions or to get deposited 
onthe metal when itis dipped into the solution ofi fits own Lions. f 
It is the decomposition of ionic compounds by ‘the epasiage of 
electric current, 


| oe 
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Electrolytic conduction: 


Electron affinity: » 
Electronegativity: 


Empirical formula: 


Endothermic reactions: 


Enthalpy or heat of solution: 


Enthalpy: 
Equilibrium constant: 


Evaporation: 


Exothermic reactions: 


First law of thermodynamics: 


Graham ‘s law of diffusion: 


Half-life period: 
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It is the passage of electric current through electrolytes present 
in the fused state or in the solution form. 

Attraction ofnucleus ofan atom for an extra electron. 

Tendency of a bonded atom to attract the shared electron pair 
towards itself. 

That formula ofa compound which is based on the formula unit 
and gives simple whole number ratio between the atoms of 
different elements present in the compound. 

The chemical reactions, which are accompanied by absorption 
of heat, are called endothermic reactions. 

It is defined as the heat change when one mole ofa substance is 
dissolved in a specified number of moles of solvent at a given 
temperature. 

The total heat content of a system is termed as enthalpy of a 
system. 

Equilibrium constant is the ratio of forward rate constant and 
backward rate constant fora reaction at given condition. 

The spontaneous change of a liquid into its vapours that 
continues at the surface of liquid at all temperatures is called 
evaporation. 

The chemical reactions, which are accompanied by the 
evolution of heat, are called exothermic reactions. 

It states that energy can neither be created nor festroyed but 
can be changed from one form to another. 

The rate of diffusion of a gas is inversely proportional to the 
square root of its density or the molar mass under the given 
‘conditions of temperature and pressure. 

Half-life period of a reaction is the time required to convert 
50% of the reactants into products. 


| : Heisenberg’s uncertainty principle: It is not possible to measure simultaneously the exact 


position and momentum ofan electron in an atom. 


Hess s law of constant heat summation: If a chemical change takes place by several different 


routes, the overall energy change is the same, regardless of the 
route by which the chemical change occurs, provided the initial 
and final conditions are the same, 


sf Ifdegenerate c orbitals are available and more than one electrons 


Sr in 


to be poe in 1 them, ey should be ey in separate 
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Hybridization: 
Hydration: 


Hydrogen bonding: 


Ideal gas: 


Ideal solutions: 


Instantaneous rate of reaction: 


Intermolecular forces: 
Ion dipole interactions: 
Ionic crystals: 


Tonic radius: 
Ionization energy: 


Irreversible reaction: 


Chemistry-XI 
orbitals with the same spin rather than putting them in the same 
orbital with opposite spins. 

Mixing of orbitals to form new orbitals with specific 
orientations. 

The process in which water molecules surround and interact 
with solute molecules or ions is called hydration. 

Hydrogen bonding is the electrostatic force of attraction 
between hydrogen atom (bonded to a small highly 
electronegative atom) and the electronegative atom of another 
molecule. 

A gas which obeys the gas laws at all temperatures and 


_ pressures. ; 


Those solutions which obey Raoult’s law. 

The rate of reaction at any one instant during the interval. 

The attractive forces which exist between individual particles 
i.e. atoms, ions and molecules. 

The electrostatic forces of attraction between an ion (positive 
or negative) and the polar molecules of the solvent. 

Those crystals in which the oppositely charged ions are held 
together by anionic bond. 

It is the radius ofan ion considered spherical in shape. 

It is the minimum amount of energy required to remove the 
most loosely bound electron from an isolated gaseous atom. 

An irreversible reaction is that in which products of the 
reaction do not react to form the original reactants under the 
same set of conditions. 


Kinetic molecular theory of gases: A model of gases which explains the physical behaviour of 


Law of mass action: 


Le-Chatelier’s principle: 


Limiting reactant: 


gases. 
The rate at which a substance reacts is proportional to its active 


- ‘mass and the rate of a chemical reaction is proportional to the 


product of the active masses of the reacting substances. 

Ifa system at equilibrium is disturbed, it behaves in such away: 
as to nullify the effectofthatdisturbance. 2 
Limiting reactant is that reactant which is present in lesser 
amount and controls the amount of the products ina chemical 


“oy ‘reaction. | , se 








GLOSSARY 
Liquid crystal: 


London dispersion forces: 


Lowry-Bronsted concepts 
ofacids and bases: 


Lyman series: 


Magnetic quantum number: 


Mass spectrometer: 


Metallic crystals: 
Molality (m): 


Molar volume: 


Molarity (M): 


Mole fraction: 


Mole: 


Chemistry-XI 
That crystalline state of a substance which exists between two 
temperatures, i.e., the melting temperature and the clearing 
temperature, 
The attractive forces between the temporary dipole in one 
molecule and temporary induced dipole in an adjacent 
molecule are called London dispersion forces. 
Acids are those species which give proton or have a tendency 
to give proton. Bases are those species which accept proton or 
have a tendency to uccept proton. 
Aseries of lines in the ultraviolet region of hydrogen spectrum 
which are obtained when electron jumps from higher orbits to 
the first orbit of hydrogen atom. 
The quantum number that defines the orientation of an orbital 
ina magnetic field. 
It is the instrument employed to separate positively charged 
particles on the basis of their m/e values and get the record on 
the photographic plate or electrometer. 
Those crystals in which the metal atoms are held together by 
metallic bonds. 
It is the number of moles of the solute dissolved in 1000 grams 
(1 kg) of the solvent. 
The volume occupied by one mole of an ideal gas at standard 
temperature and pressure - 22.414 dm’ is called the molar 
volume. 
It is the number of moles of the solute dissolved per dm’ of the 
solution. 
Mole fraction of any component in a mixture is the ratio of the 
number of its moles to the total number of moles of all the 
components present in the solution. 
A quantity which contains Avogadro’s number of units i.e. 
atoms, molecules, ions or whatever under consideration is 
called a mole. 
Those crystals in which the molecules are held together by van 
der Waal’s forces. a3: 
A chemical formula which. gives the total Saba of atoms 
present ina molecule ofa substance. 
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Molccular ions: 


Non-ideal solution: 


Non - spontaneous process: 


Orbit: < 


Orbital: 


Order of reaction: 
Oxidation number: 


Paper chromatography: 


Partial pressure: 
Parts per million: ~ 


Paschen series: 


Pauli’s exclusion principle: 


Percentage yield: 


Pfund series: 
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Those ions which are produced by the removal of one or more 
electron or electrons from the molecule of a substance are 
called molecular ions. They are mostly positive and rarely 
negative. 


Those solutions which do not obey Raoult’s law. 


It is the reverse of the spontaneous process. It does not take 

place on its own and does not occur in nature. 
An orbit is a definite path at a definite distance from the nucleus 

in which the electron revolves around the nucleus; actually an 
orbit indicates an exact position or location of an electron in an | 
atom. ; 
A region around the nucleus where the probability of finding | 
the electron is maximum. s, p, d and f are different types of 
orbitals which exist in an atom. 

It is the sum of the exponents of the concentration terms in the 
rate expression ofa chemical reaction, : 
It is the apparent charge on an atom of an element in a 
compound or a radical. ' 
It is a technique of partition chromatography in which ihe y 
stationary phase is water adsorbed on paper and mobile phase 

is usually an organic liquid. 

The pressure exerted by an individual gas in a gaseous mixture 

is called the partial pressure of that gas. 

It is defined as the number of the parts (by weight or volume) of 

a solute per million parts (by weight or volume) ofthe solution. 
A series of lines in the infra red region of hydrogen spectrum 
which results from the transitions of electron from higher 
orbits to the third orbit. me ib 
According to this principle, it is impossible for two eae 
residing in the same orbital of a poly electron atom, to have the HI 
same values of four quantum numbers. Thus two ‘electrons: in 


the same orbital should have opposite spins. “oe age 
% yield = Actual yield 5 x 100 2a) sire alas 
Theoretical yield , 





A series of lines in the infra red region of ‘hydrogen spectninn 
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pH of the solution: 
Phase: 


pi(z) bond 


? 


pK, 
pOH of the solution: 
Polarizability: 


Positiverays or canal rays: 


Principal quantum number: 


a : tr ig 


Quantum numbers: 


Me more 


Raoult’slaw: 


Ty om PRET KE hi 
Rate constant: 
WRN sible w rig 


Rafat “ 


“yc. awed 


which results from the transition of electron from higher orbits 
to the fifth orbit. . 

The negative log of [H’] is called pH of the solution. 

Every sample of matter with uniform properties and a fixed 
composition is called a phase. 

A bond formed by the parallel overlap of the two planar 
p-orbitals present on the adjacent atoms which are already 
bonded by asigma bond. 

It is the negative log of dissociation constant of water. 

The negative log of [OH ] is called pOH of the solution. 
Polarizability is the quantitative measurement of the extent to 
which theelectronic cloud can be polarized. 

Rays travelling in a direction opposite to the cathode rays in a 
discharge tube. They consist of positively charged ions formed. 
by the ionization of gas molecules with the passage of cathode 
Tays. 

The quantum aibaee that defines the shell of an electron in an 
atom. Its symbol is n. 

These are the sets of numerical values which give the 
acceptable solutions. 

The lowering of the vapour pressure of a solvent by a solute, at 
a given temperature, is directly proportional to the mole 
fraction of solute. 
Itis the rate of reaction when the concentrations of the reactants 
are unity. 


It is defined as the change in concentration of a reactant or a_— 
__ product divided by the time taken for the change. 
 Agas which does not obey the gas laws at all temperatures and 
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Retardation Factor (R,): 


Reversible reaction: 


Sigma (o) bond: 
Solubility: 
Solvent extraction: 


Spectrum: 


Spontaneous process: 


Standard electrode potential: 


Standard enthalpy of 
atomization: 
Standard enthalpy of 
combustion; 


Standard enthalpy of 
' formation: 


Standard enthalpy of neutralization; It is the amount of heat evolved when one mole of hydrogen 
ions H’ from an acid reacts with one mole of hydroxide ions 


A component of a mixture may be identified by a specific 
retardation factor called R; value. It is related to the partition 
coefficient by the following relationship: 


_ Distance travelled by a component from the original spot 
oo 


Distance travelled by a solvent from the original spot 
A reversible reaction is that one in which products of a reaction 
can react to form the original reactants. 

A bond formed by the linear overlap of atomic orbitals. 

It is the number of grams ofa solute that can be dissolved in 100 
grams of the solvent to prepare a saturated solution at a 
particular temperature. 

It is a technique in which a solute can be separated from a 
solution by shaking the solution with a solvent in which the 
solute is more soluble and the added solvent does not mix with 
the solution. 

A band of seven colours formed by the dispersion of the 
components of white light, when it is passed through a prism. 
Process, which takes place on its own without any outside 
assistance and moves from a non-equilibrium state towards an 
equilibrium state, is termed as spontaneous process. 

When a metal is dipped into the solution of its own ions having 
concentration 1.0 mol per dm’ or a gas is passed at a pressure of 
one atmosphere through a solution of 1.00 mol per dm’ 
strength of its ions having an inert electrode, the potential 
developed is called standard electrode potential. The 
temperature of the system is maintained at 25 °C. 

It is the change of enthalpy when one mole of gaseous atoms 
is formed form the element under standard conditions. 

It is the amount of heat produced when one mole of the 
substance is completely burnt in excess of oxygen under 
standard conditions. 


It is the change of enthalpy when one mole of a compound is 


formed from its elements under standard conditions. 


OH from an alkali under standard conditions. 
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State fanetion: 


Pe »/ 
-OTtr 

_— r 
memes = 


Stoichiometry: 


Thermochemistry: 


Pyra b 


Unit cell: 
gt 


Theoretical yield: 


ae re) ) 271. 2)-> 


Standard temperature and pressure: The standard temperature is 0 °C (273 K) and the standard 


pressure is 1 atm or 760 mm of Hg or 760 torr or 101325 Nm“. 
It is a macroscopic property of a system which has some 
definite value for each state and which is independent of path in 
which the state is reached. 

Stoichiometry is the branch of chemistry which deals with the 
quantitative relationship between reactants and products in a 
balanced chemical equation. 

It is a process in which a solid, when heated, vapourizes 
directly without passing through the liquid state. 

The remaining portions around a system are called 
surroundings. 

Anything (materials) under test or under consideration, is 
termed as a system. 

Theoretical yield is the amount of the products calculated from 
the balanced chemical equation. 

The study of heat changes during a chemical reaction is known 


as thermochemistry. 


The smallest unit of the volume of a crystal which when 
repeated in three dimensions can gona the structure of the 
entire crystal. 


: ; The process of heating a liquid under reduced pressure to 


change it into vapours at a lower temperature and then 


“condens! ae: the vapours toa liquid. 
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A 


Absolute temperature, 61 
Absolute zero, 46, 65 
Activation of catalyst, 326 
Actual yield, 22,24 
Allotropy. 98 

Amorphous solids, 95 
Analytical chemistry, 30 

Anion, 2 

Anisotropy, 96 

Anti-neutrino, | 

Arrhenius equation, 322 

Atom, | 

Atomic radii, 156 

Atomic size, 156 

Atomic absorption spectrum, 132 
Atomic emission spectrum, 132 
Atomic mass unit, 3 

Auf-bau principle, 146 


_ Autocatalyst, 327 


Average rate of reaction, 309 
Avogadro's law, 53 

Avogadro's number, 13 
Azimuthal quantum number, 142 


B 


Balmer scries, 133 

Band theory, 106 
Beckmann's method, 273 
Berzelius, 1 

Bohr’s model, 126, 133 
Boiling point, 91 

Bomb 


Chemical combination, 155 
Chemical equilibrium, 214, 215 
Chromatography, 35, 36 
Colligative properties, 267 
Combustion analysis, 8, 9 
Common ion effect, 236, 245 
Concentration of reactant, 320 
Concentration unit, 251, 309 


Conjugate acid of a base, 235, 245 
Conjugate base of an acid, 235, 245 


Continuous spectrum, 131 
Coordinate covalent bond, 165 


‘Covalent crystals, 104 


Covalent radii, 156-159 
Covalent bond, 163-165 
Crystal lattice, 98, 106 
Crystallization, 32 
Cubic system, 100 


D 


Dalton's law, 54 

Deuterium, 4 

Differential method, 318 
Diffusion of gases, 58 

Dipole moment, 183, 186, 190 
Dipole-dipole forces, $1 
Dipole-induced dipole forces, 82 
Discharge tube, 120 
Discharging. 301 

Discovery of nucleus, 124 
Dynamic equilibrium, 93 


D 


Effusion of gases, 58 


Enthalpy of atomization, 203 
Enthalpy of combustion, 203 
Enthalpy of formation, 202 
Enthalpy of neutralization, 203 
Enthalpy of reaction, 202 
Enthalpy of solution, 203 
Enzyme catalysis, 327, 328 
Equilibrium constant, 217, 218, 220, 221 
Equilibrium mixture, 223, 224 
Evaporation, 88 

Exothermic reactions, 195 


F 


Face centred cubic-arrangement, 108 
Filter crucible, 31 

Filter paper, 30 

Filteration, 30, 32, 37 

First law of thermodynamics, 198-199,200 
Fractional atomic masses, 6. a 
Fuel cells, 300, 303 


G 


Galvanic cell, 293 

Gas laws, 41 

General gas equation, 48 
Glass calorimeter, 204 
Gooch crucible, 31 
Graham's law, 58 





I 


Ideal solutions, 260, 263 


Instantaneous dipole-induced dipole 


forces, 82 


Instantaneous rate of reaction, 309 


Internal energy, 198 
Intermolecular forces, $1 
Ton, 2 

Tonic bond, 162 

Tonic crystals, 102 

Tonic radius, 156, 158 


Tonization constant, 231, 233 
Tonization energy, 159, 160 


Irreversible reaction, 214 
Tsomorphism, 97 
Isotopes, 3 


J 


Joule Thomson effect, 66 


A i Ae, ea 






















Molecular solids, 105 
Molecular formula, 6 
Molecular ion, 3 
Molecule, 2, 23 
Monoclinic system, 100 
Mono-isotopic, 4 


N 


Nature of reactants, 320 

Negative catalysis, 327 

Neutron, | 

Nickel cadmium cell, 302 
Non-ideal behaviour of gases, 67 
Non-ideal solutions, 260 
Non-spontancous process, 196 
Non-polar covalent bond, 163-164 


O 


Optical rotation method, 315 
Orbital, 140-141 

Orbital concept, 140-141 
Order of reaction, 310 
Oxidation number, 284 


Pp 


Paper chromatography, 36 
Partial pressure, 54 
Parts per million, 255 

Paschen series, 133 

Pauli's exclusion principle, 147 
Percentage ionic character, 187 
Percentage yield, 22 

Pfund series, 133 

Phase, 251 

PH of solution, 229-230 

PK,, 235 

Planck's quantum, 125 

Plasma state, 73 

pOH of solution in buffer, 237, 238 
Polar covalent pes 164 


__ Polymorphism, 
‘Positive rays, 120 


Principal quantum number, 141 


Voltaic cell, 293-294 
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Rhombic, system, 100 
Rhombohcdral system, 100 
Rutherford's model, 124 


S 


Sigma bond, 171 

Sintered glass crucible, 32 
Solute, 251 

Solubility curve, 265-266 
Solubility product, 242 
Solubility, 265 

Solvent, 251 

Solvent extraction, 30, 34 
Specific rate constant, 310 
Spectral lines, 310 
Spectrometry, 4.5 
Spectrum, 130-132 

Spin quantum number, 144 
Spontaneous process, 196-197 
Standard electrode potential, 295 
State function, 197 
Stoichiometry, 17,23 
Sublimation, 34 
Sommerfeild's, 137 
Surroundings, 197 
System, 197 


T 


Tetragonal system, 100 
Theoretical yield, 22 
Thermochemistry, 195 
Thermodynamics, 85 
Transition temperature, 98 
Triclinic system, 100, 101 
Trigonal system, 100, 101 
Tritium, 4 


Unitcell, 99, 111 


Vacuum distillation, 92 
Valence bond theory, 170 
yan der Waals’ forces, 105 


Vapour pressure, 89 
Velocity constant, 310 
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APPENDIX 


Table A.1 The SI nh i 





metre Volume cubic metre 
kilogram Length angstrom A(.1nm) 


second Pressure atmosphere atm(101.325kPa) 
Temperature Kelvin torr momHg(133,32Pa) 
Electrical current ampere Energy calorie cal(4.184J) 


Luminous intensity | candela electron volt ev(1.6022x10""J) 


Amount of substance} mole Temperature | degree celsius °C (K-273.15) 


Concentration | molarity M(mol/L or 
mol/dm’) 


deci, d 


W(kg-m*/s*) centi, c 


Ha(cycles/s) 


Neale) milli, m 
B-mi/s F 
BCNM?) micro, m 


WOls) nano, n 
Electrical charge C(amp-s) > pico, p 
Electrical potential VGle) femto, f 
Electrical resistance : ato, a 





Table A.4 Values of Selected Fundamental Constants 


Speed of light in vacuum (c) = 2.99792458 x 10°m/s_ 
Charge on an electron (q,) q. = 16021892 10°%C" = 
















a 













Rest mass of electron (m,) m, = 19.109534 x-10".'g 

m, = 5.4858026.x 10° ~_ 
Rest mass of proton (m,) m, = 1.6726485 x 10° 

m, =1 00727647am 
Rest mass of neutron (m,) | m, = 1.6749543 x 10." 

. m,=1 ‘ooess0izamit— 

Faraday’s constant (F) ' FR -= 96484,56: Cho}, 
Planck’s constant (h) h. = 6.626176 10 J-s 
Ideal gas constant (R) x = 0.0820568 L-atm/mol-K _ 






Atomic mass unit (amu) ” 
| Boltzmann’s constant (k) som | 
; “Avogadro’s constant (N,) ~ 
Rydberg constant (R;,) 


Molar Volume ofa gas'at s: tip 
Heat capacity of water ay 












Nx = 6.022045 x 10” mol! 
Ry =1.09737318 x 10’m” + ai 
= 1,09737318x 10%m ~—s | 

Va = 2.24% 10%m'mol 
Cc" = 75:276)/m001-K a 
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ae 1 J= 0.2390 cal = 10’erg 
i 1 cal = 4.184 J 
5 1 ev/atom = 1.6021892x10""J/atom = 96.484 kJ/mol 


: 

: K=C+273.15 
°C= 5/9 (F-32) 
°F = 9/5.(C) +32 


lam = 760 mmHg = 760 torr = 101.325k Pa 


Ikg = 2.2046 Ib 

Ib = 453,59 g = 0.45359 kg 
loz = 0.06250 Ib = 28.350 g 
Iton = 2000 Ib = 907.185 kg 


ltonne (metric) = 1000 kg = 2204.62 Ib 






































































: 1 mL = 0.001 L=1 cm’ 
1 oz (fluid) = 0.031250 qt = 0.029573 L 
. ; 1 qt = 0.946326 L 
1 gal'= 0.946 L 
; 
‘ 1 mile = 1.60934 km 
" lin. =2.45 cm 
{ 10mm=1cm 
1000 mm = 1 m 
1000m = 1 km 
: 1m = 39.370 in. 
i A =10" m= 10" cm 
| 
j Table A.6 Solubility Table 
B : 
| pf Ff a er Fr Toy = 7 on] No, | co | SO, | CH,COOT 
y CS SCS So Sn Se i 
i , CES EPS 2S) es BS Ee 
| /CE SSE S S 
: Co SE Se eee ee ee 
i SE 5 SS ES Ee ee ee 
| 22) ES ES9 SS ae OS a 
a — JES CS) (Se ee Be a 
3 JED | Si 6S i eB ee 
SUS ESN ES Ss 0 ee Se 
(2 8) SS SS ee ne) ee 
JCS ICS CSS a a a a 
iz LI DS 6S Se ee ee 
: ST 0 eB ee 
S/S GE ES a Ss ee 
JD Ee ee 2 
| E E)  E e 
ES ly eS Lael el a 
salealasss & 











s-block 


13 ¢ 


HYDROGEN 


BERYLLIUM 
[He]2s? 


LITHIUM 
[He]2s' 


11 2298977) 12 24.305 


SODIUM MAGNESIUM 
[Ne]3s' 


19 39.098] 20 40.08 


POTASSIUM CALCIUM 


[Ari4s' IArj4s? 


RUBIDIUM STRONTIUM 


[kr]5s* [Kr]5s° 


BARIUM 


[Xe]6s” 


FRANCIUM 


[Rn](7s') [Rn]7s? 





Atomic number 


Symbol 
Name 
1s' 


“Mass number of most stable 
or best-known isotope 


Atomic mass 


HYDROGEN 


Electronic configuration 


Mass of the isotope of longest half-life 


SCANDIUM TITANIUM VANADIUM 


[Ar]3d'4s? 


39 88.9059] 40 


[Ar]3d'4s? [Ar]3d°4s? 


ZIRCONIUM NIOBIUM 


[Kr]4d’5s? [Kr]4d‘5s' 


LANTHANUM HAFNIUM TANTALUM 


CHROMIUM 


91.22} 41 92.9064 | 42 


MOLYBDENUM 


WOLFRAM 


Transition elements 
d-block 


VII-B 


MANGANESE 
[Ar]3d°4s' [Ar]3d°4s? 


A3 98.9062) 44 


TECHNETIUM 


[Kr]4c°5s' [Kr]40°5s" [Kr]4d’5s' 


RHENIUM OsMIUM 


(TUNGSTEN) 


[Xe]5d'6s” [Xe]4f'5d’6s” 
89 (227) | 104 


ii 


[Xe]4f"5a°6s? 


(261)"| 105 


[Xe]4f"5a'6s? 


[Xe]4f“5d°6s? 


(262)"} 108 


| Red 


101.07} 45 102.9055 


RUTHENIUM 


[Xe]4f“5a°6s" 


(265)"| LO9 


VILI-A 





Physical state at room temperature 


Solid 
Liquid 
Gas 


Blue 
Yellow 





Alkali and alkaline earth metals 








Transition elements 
Metalloids 
Non-metals 

Rare gases 
Lanthanides 








10.81 | 9 


BoRON 
[He]2s'2p' 


12.011 


S 


CARBON 
[He]2s2p* 


14 28.086 


SILICON 


18.99840 


FLUORINE 
[He]2s’2p*° 


17 35.453 


Cr 


CHLORINE 











NITROGEN 
[He]2s’2p° 


15 30.97376 


PHOSPHORUS 














Actinides [He]2s’2p* 


16 32.06 


SULPHUR 





13 26.98154 
ALUMINIUM 
[Ne]3s’3p' [Ne]3s’3p” 


32, 72.59 


GERMANIUM 


[Ne]3s’3p° 
33 74.9216 


AS 


ARSENIC 


[Ne]3s’3p* 
34 78.96 


SELENIUM 


[Ne]3s’3p° 
35 79.904 


COBALT NICKEL COPPER BROMINE 


[Ar[3d’4s? [Ar]3d°4s? 


46 1064|4'7 107.868 


IAr]3d""4s" [Ar]3d""4s%4p? 


50 118.69 


TIN 


[Ar]3d"4s*4p? 


5] 121.75 


ANTIMONY 


[Ar]3d"°4s*4p* 


52 127.60 


TELLURIUM 


JAr]3d°4s*4p° 


53 126.9045 


RHODIUM PALLADIUM CADMIUM INDIUM IODINE 


[Kr]4a°5s' [Kr}4d” [Kr]4d"°5s* 


80 20059]81 204.58 


THALLIUM 


[Kr]4d"°5s75p' [Kr]4d"°5s’5p’_ | [Krj4d"5s‘5p* §f [Krj4d5s*5p* 


84 (210)° 


POLONIUM 


[Kr]4d"°5s’5p° 
85 (210) 


AG 


ASTATINE 


83 208.9804 


IRIDIUM MERCURY BISMUTH 


[Xel4f“5a’6s" 


(266)'| 110 


[Xe]4f“5d"6s? | [Xel4f“5d"6s’6p' | [Xe]4f“5d"6s" 6p" | [Xe]4f“5d"6s"6p° | [Xe]4f“5d"6s* 6p’ fl [Xe]4f“5d"6s"6p* 


ACTINIUM UNNILQUADIUM J UNNILPENTIUM | UNNILHEXIUM 


[Rn]6d'7s?_—_ | [Rn](5f“6d?7s’) | [Rn](5f“6d°7s) | [Rn] (5f“6d‘7s") 


140.12] 59 1409077760 144.24] 61 


THULIUM YTTERBIUM LUTETIUM 


[Xe]4f"6s” [Xe]4f“6s” [Xe]4f“5d"6s* 


[Rn]6d?7s" [Rn]5f'6d'7s" [Rn]5f6d'7s" [Rn]5f'6d"7s7 [Rn]5f°7s? [Rn]5f'7s? [Rn]5f’6d‘7s" [Rn}5f7s? [Rn](5f"°7s’) [Rn](5f"7s’) [Rn](5f’7s’) [Rn](5f*7s’) [Rn](5f“7s’) | [Rn](5f“6d'7s") 








